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Q/apter 

BASIC CONCEPTS 

1.1 ATOM 

Long time ago, it was thought that matter is made up of simple, indivisible particles. 
Greek philosophers thought that, matter could be divided into smaller and smaller particles 
to reach a basic unit, which could not be further sub-divided. Democritus (460-370 B.C.) 
called these particles atoms, derived from the word “atomos” means indivisible. However, 
the ideas of Greek philosophers were not based on experimental evidences. 

In the late IT 1 * 1 century, the quantitative study of the composition of pure substances 
disclosed that a few elements were the components of many different substances. It was also 
investigated that how elements combined to form compounds and how compounds could be 
broken down into their constituent elements. 

In 1808, an English school teacher, John Dalton, recognized that the law of 
conservation of matter and the law of definite proportions could be explained by the 
existence of atoms. He developed an atomic theory; the main postulate of which is 
that all matter is composed of atoms of different elements, which differ in their properties. 

Atom is the smallest particle of an element, which can take part in a chemical 
: action. For example, He andNe, etc. have atoms, which have independent existence while 
atoms of hydrogen, nitrogen and oxygen do not exist independently. 

The modem researches have dearly shown that an atom is further composed of sub- 
atomic particles like electron, proton, neutron, hypron, neutrino, anti-neutrino etc. More 
than 100 such particles are thought to exist in an atom. However, electron, proton and 
neutron are regarded as the fundamental particles of atoms. 

A Swedish chemist J. Berzelius (1779-1848) determined the atomic masses of 
elements. A number of his values are dose to the modem values of atomic masses. Berzelius 
also developed the system of giving element a symbol. 

111.1 Evidence of Atoms 1 £ O 

It is not possible actually to see the atoms but the nearest possibility to its direct 
evidence is by using an electron microscope. A dear and accurate image of an object that is 
smaller than the wavelength of visible light, cannot be obtained. Thus an ordinary optical 
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microscope can measure the size of an object upto or above 500 nm flnm - in 9 m'i u 

0^2^^ IT T; J " at the ~ ter s ->f us 

order alO m which is 0.2 nm . Masses of 
atoms range from 10 ” to 10'“ kg. They are ^ . 

often expressed in atomic mass units (amujf 
when 1 amu is = 1.661x 10” *k g . The 
Students can have an idea about the 
a mazingly small size of an atom from the fact 
that a full stop may have two million atoms 
present in it. 

1.1.2 Molecule 

A molecule is the smallest particle 
ot a pure substance which can exist 
independently. It may contain one or more Flg (L1) Electt ™ microscopic 

QV photograph of graphite 

TXmoniTmTdS 

respectively. Molecules of elements mav -■ \ ‘ ^ contain one ’ two and three atoms 

example, He, Cl 0 P S f On the h T®' ! W ° ° r more Same type ofatoms - For 
i ■ . r ’ 2 ’ J ’ 4 ’ 8 ‘ the other hand, molecules of compounds consist of different 

kind of atoms. For example, HC1, NH,, H 2 S0 4 , C fi H 12 0 6 . 1 tUHerent 

The sizes of molecules are definitely bigger than atoms tw a. j 
number of atoms present in them anri in u c nan atoms. 1 hey depend upon the 

ailed macromolcTTCllbin S* PM ' ^ r leCUle8 m 30 bi « that «"* are 

1.1.3 Ion 

=££S~^=bb=: 

+ A — * A + e 

This A is called a cation. A cation mav carry 4-9 _j_ q i 

onde^ndtteiHtiTefTeT^aTn ^ ^ - *» 
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When a neutral atom picks up one or more electrons, a negative ion is produced, 
which is called an anion. 

B + e ► B 

Energy is usually released when an electron is added to the isolated neutral atom. 
Therefore, the formation of an uninegative ion is an exothermic process. The most common 
negative ions are F, Cl , Br', S 2 ' etc. 

The cations and anions possess altogether different properties from their 
corresponding neutral atoms. 

There are many examples of negative ions which consist of group of atoms like OH 
C0 3 2 ', SO/’, P0 4 J \ MnO/', Cr,0/, etc, The positive ions having group of atoms are less 
common e.g, NH, + and some carbocations in organic chemistry. 


1.1.4 Molecular Ion 

When an atom loses or gains an electron, it forms an ion. Similarly a molecule may 
also lose or gain an electron to form a molecular ion, e.g., CH 4 \ CO + , N,; + . Cationic molecular 
ions are more abundant than anionic ones. These ions can be generated by passing high 
energy electron beam as a-particles or X-rays through a gas. The break down of molecular 
ions obtained from the natural products can give important information about their structure. 

.q e ™ 

1.2 RELATIVE ATOMIC MASS 

Relative atomic mass is the mass of an atom of an element as compared to the mass of 
an atom of carbon taken as 12 . 

The unit used to express the relative atomic inass is called atomic mass unit (amu) 
and it is 1/12 th of the mass of one carbon atom. On carbon - 12 scale, the relative atomic mass 
of 6 C is 12.0000 amu and the relative atomic mass of iH is 1 .008 amu. 

The masses of the atoms are extremely small. We don't have any balance to weigh 
such an extremely small mass, that is why we use the relative atomic mass unit scale. The 
relative atomic masses of some elements are given in the following Table (1.1), 

Table (1.1) Relative atomic masses of a few elements 


These elements have atomic masses in fractions and will be explained in the 
following article on isotopes. 



Element 

Relative Atomic Mass 
(amu) 

Element 

Relative Atomic Mass 
(amu) 

H 

1.008 : 

Cl 

35,453 

O 

15.9994 

Cu 

63*546 

Ne 

20.1797 

U 

238.0289 


1.3 ISOTOPES 

In Dalton's atomic theory, all the atoms of an element were considered alike in all the 
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umber of neutrons present m then nuclei. Carbon has three isotopes written as “C “c 
‘SCantl expressed as C-12, C-13 and C-14. Each of these have 6-pro, runs and 6 electron 

isotope ! 'h “h '"Sled nrot 6 ' ? *? 8 "Girons respectively. Similarly, hydrogen has three 
P ,Ha ,Hs Ikalled protuim, deutenum and tritium. Oxygen has three nirk-H f;™ 

calaum has six, palladium has six, cadmium has nine and tin ^ 

1.3. 1 Relative Abundance of Isotopes 

r .. . 1S0tupes of a11 elements have their own natural abundance The nronert,^ n f a 
r-=: Jable (1.2) Natural abundance of some c»m mo n isotopes 

iSQCCfpC 1 ' 


Element 


Hydrogen 

Cartoon 

Nitrogen 

Oxygen 

Sulphur 

Chlorine 

mime 


; H, H 
U C , X 
“N , Li N 
16 0, 17 Q lfl 0 
*S,"S, "SMS 

*crci 

Br ' Br 


f\bundance{%) 


99.985 . 0. 015 
98.893, 1.107 

99.034 . 0. 366 

99.759.0. 037 , 0204 

95.0. 0.76, 422, 0.014 
75.53 , 24.47 

50.54 . 49.49 


Mass (amu) 


1.007825, 2.01410 
12.0000, 13.00335 
14.00307, 15.00011 
15.99491, 16.99914, 17.9916 
31.97207, 32.97146, 33.96786, 35.96709 
34.96885, 36.96590 
! 7 84)18, 80.916 


that occur in nature, f^have even massnumb^anc!even^ isotopes 

1S ' 2 ° f Re,atiVe “ “ f Isotopes by Mass 

-Mass spectrometer is an instrument winch is used to measure the exact masses of 
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different isotopes of an element. In this technique, a substance is first volatilized and then 
ionized with the help of high energy beam of electrons. The gaseous positive ions, thus 
formed, are separated on the basis of their mass to charge ratio (m/e) and then recorded in the 
form of peaks. Actually mass spectrum is the plot of data in such a way that (m/e) is plotted as 
abscissa (x-axis) and the relative number of ions as ordinate (y-axis). 

First of all, Aston's mass spectrograph was designed to identify the isotopes of an 
element on the basis of their atomic masses. There is another instrument called Dempster's 
mass spectrometer. This was designed for the identification of elements which were 
available in solid state. 

The substance whose analysis for the separation of isotopes is required, is converted 
into the vapour state. The pressure of these vapours is kept very low, that is, 10 * to 10‘ 7 torn 
These vapours are allowed to enter the ionization chamber where fast moving electrons are 
thrown upon them. The atoms of isotopic element present in the form of vapours, are ionized, 
These positively charged ions of isotopes of an element have different masses depending 
upon the nature of the isotopes present in them. 

_ The positive ion of each isotope has its own (m/e) value. When a potential difference 
(E) of 500-2000 volts is applied between perforated accelerating plates, then these positive 
ions are strongly attracted towards the negative plate. In this way the ions are accelerated. 

These ions are then allowed to pass through a strong magnetic field of strength (H), 
which will separate them on the basis of their (m/e) values. Actually the magnetic field 
makes the ions to move in a circular path. The ions of definite m/e value will move in the form 
of groups one after the other and fall on the electrometer. 

The mathematical relationship for (m/e) is 


Where H is the strength of magnetic field, E is the strength of electrical field, r is the 
radi us of circular path. If E is increased, by keeping H constant then radius will increase and 
positive ion of a particular m/e will fall at a different place as compared to the first place. This 
can also be done by changing the magnetic field. Each ion sets up a minute electrical current. 

Electrometer is also called as ion collector and develops the electrical current. The 
strength of the current thus measured gives the relative abundance of ions of a definite m/e value. 

Similarly, the ions of other isotopes Heated NeDallVB 


m/e=HV/2E 


having different masses are made to fall on the 
collector and the current strength is 
measured. The current strength in each case 
gives the relative abundance of each of the 
isotopes. The same experiment is performed 
with C-12 isotope and the current strength is 
compared. This comparison allows us to 
measure the exact mass number of the 
isotope Fig. (1.2), shows the separation of 
isotopes of Ne. Smaller the (m/e)of an isotope, 



Mass 

number 


Evacuated 


Analyzer 

(Magnet) 


envelope 


Fig. (1.2) Diagram of a simple 
Mass spectrometer 
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smaller the radius of curvature produced by the magnetic 
field according to above equation. 

In modern spectrographs, each ion strikes a 
detector, the ionic current is amplified and is fed to the 
recorder. The recorder mattes a graph showing the relative 
abundance of isotopes plotted against the mass number. 

The above Fig (1.3) shows a computer plotted graph 
for the isotopes of neon. 

The separation of isotopes can be done by the methods 
based on their properties. Some important methods are as 
gaseous diffusion, thermal diffusion, distillation, 
ultracentrifuge, electromagnetic separation and laser 

separation. 


g -to- 
ra -ri- 

XJ 

G 

5 S3. 

T0- 

20 . 

10. 


90 


20 


O- ro 

T 


1 

21 n 

Mass Number 


Fig (1.3) Computer plotted 
graph for the isotopes of neon 

1.3.3 Average Atomic Masses 

Table (1.1) of atomic masses of elements shows many examples of fractional values. 
Actually the atomic masses depend upon the number of possible isotopes and their natural 
abundance. Following solved example will throw light on thi suspect. 

: - ’ v ^ 

A sample of neon is found to consist of^Ne, fpNe and the percentages of 

90.92%, 0.26%, 8.82% respectively. Calculate the fractional atomic mass of neon. 

Solution: 

The overall atomic mass of neon, which is an ordinary isotopic mixture, is the 
average of the determined atomic masses of individual isotopes. Hence 

Average atomic mass = 20 x 90.92+21 x 0.26+22 x 8.82 = [20.18 [Answer 

100 

Hence the average atomic mass of neon is 20. 18 amu 


It is important to realize that no individual neon atom in the sample has a mass of 20.18 amu. 
For most laboratory purposes, however, we consider the sample to consist of atoms with this 
average mass. 



1.4 ANALYSIS OF A COMPOUND - EMPIRICAL AND 
. p MOLECULAR FORMULAS 

Before we go into the details of empirical and molecular formulas of a compound, we 
should be interested to know the percentage of each element in the compound. For this 
purpose all the elements present in the compound are first identified. This is called 
qualitative analysis. After that the compound is subjected to quantitative analysis in which 
the mass of each element in a sample of the compound is determined. From this we 
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determine the percentage by mass of each element. The percentage of an element in a 
compound is the number of grams of that element present in 100 grams of the compound. 


Mass of the element in compound 

# • 

m ass of the compound 


« X 100 


Percentage of an element - 
Example (2): 

8.657 g of a compound were decomposed into its elements and gave 5.217 g of 
carbon, 0.962 g of hydrogen, 2,478 g of oxygen. Calculate the percentage composition of the 
compound under study. 

Solution: 

Applying the formula 


Percentage of carbon = 


Mass of carbon 


Mass of compound 

k 

Percentage of hydrogen — hydrogen 

Mass of compound 

n ^ . Mass of oxygen 

Percentage of oxygen = — 


x 100 = — 17g x 100 - ]60^.28l Ans wer 
8.657g 


X100 = °' 962g x 100 = [ll.lll Answer 
8.657, 

x 100 = — /8g X 100 = 128.62 Answer 
8.657g — a 


0 ^ 


Mass of compound 

The above results tell us that in one hundred grams of the given compound, there are 60.26 
grams of carbon, 11.11 grams of hydrogen and 28.62 grams of oxygen. 

Percentage composition of a compound can also be determined theoretically if we 
know the formula mass of the compound. The following equation can be used for this 
purpose. Mass of the element in one mole of the compound 

Percentage of an element = — m— . — - — - — xlQO 

formula mass of the compound 

1.4.1 Empirical Formula 

It is the simplest formula that gives the small whole number ratio between 
the atoms of different elements present in a compound. In an empirical formula of 
a compound, A^ B v , there are x atoms of an element A and y atoms of an element 

B. The empirical formula of glucose (C fi H 12 0 6 ) is CK.0 and that of benzene (C.HJ is CH. 

Empirical formula of a compound can be calculated following the steps mentioned 

below: 

i) Determination of the percentage composition. 

ii) Finding the number of gram atoms of each element. For this purpose 
divide the mass of each element (% of an element) by its atomic mass. 

iii) Determination of the atomic ratio of each element. To get this, divide 
the number of moles of each element (gram atoms) by the smallest 
number of moles. 

iv) If the atomic ratio is simple whole number, it gives the empirical 
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formula, otherwise 
number atomic ratio. 
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multiply with a suitable digit to get the whole 


Example (3): 

Ascorbic acid (vitamin C) contains 40.92% carbon, 4.58% hydrogen and 54.5%. of 
oxygen by mass. What is the empirical formula of the ascorbic acid? 


Solution: 

From the percentages of these elements, we believe that in 100 grams of ascorbic 
acid, there are 40.92 grams of carbon, 4.58 grams of hydrogen and 54.5 grams of oxygen. 

Divide these masses of the elements (or percentages) by their atomic masses to get 
the number of gram atoms. 


No. of gram atoms of carbon 
No. of gram atoms of hydrogen 
No. of gram atoms of oxygen 


4Q.92g 
12.0 gmol 1 

_ 4.58g 

1.008gmol' 


= 3.41 gram atoms 
= 4.54 gram atom 

: c i e©' 0 '* 

= 3. 406 gram atoms 
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number. 


_ 54.5g 

16 gmol 1 

Atomic ratio is ohtained by dividing the gram atoms with 3.406, which is the smallest 


C:H:0 = 


3.41 


4.54 


3.406 


3.406 3.406 3.406 

C :H:0 = 1 : 1.33 : 1 

To convert them into whole numbers, multiply with three 

C : H : 0 = 3(1 : 1.33": 1) — [3 : 4 : 3j Answer 

This whole number ratio gives us the subscripts for the empirical formula of the ascorbic acid 
i.e., C 3 H 4 0, 


1.4.2 Empirical Formula from Combustion Analysis 

Those organic compounds which simply consist of carbon, hydrogen and oxygen can 
be analyzed by combustion. The sole products will be CO, and H 2 0. These two products of 
combustion are separately collected. 

Combustion Analysis 

A weighed sample of the organic compound is placed in the combustion tube. This 
combustion tube is fitted in a fumance. Oxygen is supplied to burn the compound. Hydrogen 
is converted to H 2 0 and carbon is converted to CO,. These gases are absorbed in Mg (CIO,), 


Basic Concepts 


and 50% KOH respectively. (Figl.4). The difference in the masses of these absorbers gives 
us the amounts of II 2 0 and C0 2 produced. The amount of oxygen is determined by the 
method of difference. 




Sample of compound containing 
C 3 H, and other elements 



CQ } absorber 

t 



Other substance 
not absorbed 

t 


respectively. 


H 2 O absorber 

t 


Mg (CIO,), 50% KOH 

Fig (1.4) Combustion analysis 
Following formulas are used to get the percentages of carbon, hydrogen and oxygen, 


„/ t Mass of CO, 

% of carbon = -77 7 : — - ■ 

Mass of organic compound 

Mass of FLO 


12.00 


44.00 

2.016 


% of hydrogen = — , Mass 0T _ 

Mass of organic compound 

The percentage of oxygen is obtained by the method of difference. 

% of oxygen = 100 - (% of carbon + % of hydrogen) 


t 


100 


100 





Example (4): 

A sample of liquid consisting of carbon, hydrogen and oxygen was subjected to 
combustion analysis. 0.5439 g of the compound gave 1.039 g of C0 2 , 0.6369 g of H„0. 
Determine the empirical formula of the compound. 

Solution: 

Mass of organic compound - 0.5439 g 
Mass of carbon dioxide = 1.039 g 

Mass of water = 0. 6369 g 


Element 

% 

No. of Gram 
atoms 

Atomic 

Ratio 

Empirical 

formula 

0 

1.039*. 12.00 _, m 
0.543g 44.00 

=52.108 

0.6369g 2.016 .. lon 
0.5439g 18 

= 13.11 

100 - (52.108 + 13.11) 
=34.77 

=4.34 

LOOS “ n " 01 

34.77 

16.00 

4.34 

2.17 

13.01 

2.17 

2-17 
2.17 _i 

C 2 H„0 

- . 


s.V 
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1.4.3 Molecular Formula \qqO 

That formula of a substance which is based on the actual molecule is called molecular 
formula. It gives the total number of atoms of different elements present in the molecule of a 
compound. For example, molecular formula of benzene is CM. while that of glucose is 

c^o, 

The empirical formulas of benzene and glucose are CH and CH a 0 respectively, so for 
these compounds the molecular formulas are the simple multiple of empirical formulas. 
Hence 


Molecular formula = n (Empirical formula) 

Where 'n' is a simple integer. Those compounds whose empirical and molecular 
formulae are the same are numerous. For example, H.,0, C0 2 , NH.and.C 1 ,H,. ! 0„ have same 

empirical and molecular formulas. Their simple multiple 'n' is unity. Actually the value of 'n' is 
the ratio of molecular mass and empirical formula mass of a substance, 

n _ Molecular mass 
Example (5): Empirical formula mass 

The combustion analysis of an organic compound shows it to contain 65.44% carbon, 
5.50% hydrogen and 29.06% or oxygen. What is the empirical formula of the compound? If 
the molecular mass of this compound is 110.15 g.mol 1 . Calculate the molecular formula of 
the compound. 


Solution: 

First of all divide the percentage of each element by its atomic mass to get the 
number of gram atoms or moles. 

_ 65.44 g of C 
12 g/raol 

5.50 g of H 


No. of gram atoms of C 
No. of gram atoms of hydrogen 




No. of gram atoms of oxygen 

Molar ratio: C : 

5,45 : 

Divide themumber of gram atoms by the smallest number i.e 1.82 


1.008 g/mol 

29.06 g of O 
16.00 g/mol 

ii i 


- 5.45 gram atoms of C 
- 5,46 gram atoms of H 
= 1.82 gram atoms of O 


4.46 


O 

1.82 


to° 



c 

5.45 


H 

5.46 

1.82 


0 

1.82 




1.82 

3 


3 


1.82 

1 
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Carbon, hydrogen and oxygen are present in the given organic compound in the ratio 
of3 : 3 : 1. So the empirical formula is C 3 H 3 0. 

In order to determine the molecular formula, first calculate the empirical formula mass. 
Empirical formula mass = 12x3 + 1.008x3 + 16x1 = 55.05 g/mol 

Molar mass of the compound - 1 1 0. 1 Sg.mol 1 

n _ Mo lar mass of the compound 110.15 9 

Empirical formula mass 55,05 

Molecular formula = n (empirical formula) 

= 2 (C 3 H 3 0) =[CfiHgO ? Answer 
There are many possible structures for this molecular formula. 

1.5 CONCEPT OF MOLE 

We know that atom is an extremely small particle. The mass of an individual atom is 
extremely small quantity. It is not possible to weigh individual atoms or even small number of 
atoms directly. That is why, we use the atomic mass unit (amu) to express the atomic masses. 
For the sake of convenience, the atomic mass may be given in any unit of measurement i.e. 
grams, kg, pound s,and so on. - 

When the substance at our disposal is an element then the atomic mass of that 
element expressed in grams is called one gram atom. It is also called one gram mole or simply 
a mole of that element. 

Number of gram atoms or moles of an element = 


Mass of an el ement in grains 
Molar mass of an element 


For example 

1 gram atom of hydrogen = 1.008 g 
1 gram atom of carbon - 12.000 g 

and 1 gram atom of uranium - 238.0 g 

It means that one gram atom of different elements have different masses in them. 
One mole of carbon is 12 & while 1 mole of magnesium is 24g. It also shows that one atom of 
magnesium is twice as heavy as an atom of carbon. 

,, molecular mass of a substance expressed in grams is called gram molecule or 
gram "mole or simply the mole of a substance. 

Number ofgram molecules or , , 

i«s of a molecular substance = Mass of the molecuJar substance 
For example. 


moles 


: m 





masses. 


Molar mass of the substance 

1 gram molecule of water - 18.0 g 
1 gram molecule of H 2 SO t = 98.0 g 
1 gram molecule of sucrose = 342.0 g 

It means that one gram molecules of different molecular substance have different 
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Hie tnnmila unit mass nf an ionic compound expressed in grams is called cram 

Ml IMP 'iltlKtanrii j ■ 


*"• "* m ' In "™< compound expressed m grams is called gram 

11 ,: ' mi, L a " f lh e«ubstanre. Since ionic compounds do not exist in molecular form therefore the 
sum m atomic masses of individual ions gives the formula mass. The gram formula is also 
t efen ed to a s gr am mole or simply a mole. 

Number of gram formulas or _ Mass of the ionic substance in imams 

moles of a substance ’ T 77 r — : — — 

formula mass of the ionic substance 

1 gram formula of NaCl = 58.50g 

1 gram formula ofNa,C0 3 = 106g 
lgram formula of AgN0 3 = 1 70 g 

It may also be menfioned’here that' ion fenh M8 of an ionic species expressed in grams is 

called one gram ion or one mole of ions. E SIS 

Number of gram ions of _ Mass of the ion ic species in grams 
moles of an ionic species Formula mass of the ionicspecie^ 

For example 


=to° 


qVv 

lg ion of OH = 17g 

1 gi< 


>x>° 






g ion of SO, =96g 
lgionof C0 3 2 = 60 g 

S °\ the atomic mass, molecular mass, formula mass or ionic mass of the substance 

expressed mgram is called molar mass of the substance. 


Example (6): 

Calculate the gram atoms (moles) in 

(a) 0.1 g of sodium. 

(b) 0.1 kg of silicon. 

Solution: 

(a) No. of gram atoms = Magsof element in gram 

Molar mass 

Mass of sodium = g.l g 

Molar mass ' = 23 g/mol 


0 

Number of gram atoms of sodium = ~ = o 0043 mol 

Aigmoi 

(b) hirst of all convert the mass of silicon into 
Mass of silicon = 0.1 kg 
Molar mass 


.«Y> 


4.3 x 10 J mo l Answer 


i grams. 
- 0.1x1000 = 100 g 
= 28.086 gmoV 1 





Number of gram atoms of silicon - 100 g , = 

28.086 g mol' 1 


3.56 moles Answer 
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Example (7): 

Calculate the mass of 10* moles of MgSO,. 



too 




# 


Solution: 


mass. 


MgS0 4 is an ionic compound. We will consider its formula mass in place of molecular 


N umber of gram formula 
or mole of the substance = 

Formula mass of MgS0 4 
Number of moles of MgS0 4 
Applying the formula 

10 ’’ 


Mass of i onic substance 
Formula mass of ionic substance 

= 24+ 96 = 120gmol 1 
= 10 3 moles 


_ Mas s of MgSO, 
120 g mol ' 

Mass of MgS0 4 = 10 3 moles x 120 g mol 1 


/ w 

1.5.1 Avogadro's Number 


— 120x 10 3 =10.12 g [Answer 


jnOO’ 


oV 


Avogadro’s number is the number of atoms, molecules and ions in one gram atom of 
an element, one gram molecule of a compound and one gram ion of a substance, respectively. 

To understand Avogadro's number let us consider the following quantities of 
substances. 

1.008 g of hydrogen = 1 mole of hydrogen = 6.02 x lO^atoms of H 

23 g of sodium = lmolc of Na = 6.02 x 10 23 atoms of Na 

238 g of uranium =lmoleofU = 6.02 xl0“ atoms of U 

This number, 6.02 x 10“ is the number of atoms in one mole of the element. It is 
interesting to know that different masses of elements have the same number of atoms An 
atom of sodium is 23 times heavier than an atom of hydrogen. In order to have equal number 
ui atoms sodium should be taken 23 times greater in mass than hydrogen. Magnesium atom 
is twice heavier than carbon; i.e. lOg of Mg and 5 g of C contain the same number of atoms. 
18gof H 2 0 = 1 mole of water -6.02 x 10“ molecules of water 

180 g of glucose - 1 mole of glucose = 6.02 xlO 23 molecules of glucose 

342 g of sucrose - 1 mole of sucrose = 6.02 x 10“ molecules of sucrose 

Hence, one mole of different compounds has different masses but has the same number 
of molecules. 

= 1 mote of SO* = 6.02 v lo 23 ions of SO/" 

62 g of NO, = 1 mole of NO,' = 6.02 x 10“ ions of NO, 


When we take into consideration the ions, then 
96 g of SO, 2 ' 


From the above discussion, we reach the conclusion that the number 6.02x10“ is 
equal to one mole of a substance. This number Ts^ known ' as Avogadro’s number and 
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it is denoted by N A . 

Following relationships between amounts of substances in term, 
the niunber of particles present in them, are useful. 

Mass of the element x N. 


masses and 


1 ) 


N umber of atoms of an element 


Atomic mass 


2) Number of molecules of a compound = Mass of the compound x N A 

Molecular mass 


3) Number of ions of an ionic specie s 


Mass of the ion x N A 
Ionic mass 


When we have compounds of known mass wc can calculate the number of atoms 
from their formulas. 

In 18 g of water there are present 6.02x10“ molecules of H 2 0, 2 x 6.02 x 10“ J atoms of 
hydrogen and 6.02 x 10 23 atoms of oxygen. Similarly, in 98g of H,S0 4 , it has twice the 
Avogadro’s number of hydrogen atoms, four times the Avogadro's number of oxygen atoms 
and the Avogadro's number of sulphur atoms. 

Some substances ionize in suitable solvents to yield cations and anions. The number of 
such ions, their masses, number of positive and negative charges can be easily calculated from 
the known amount of the substance dissolved . Let us dissolve 9.8 g of H,S0 4 in sufficient 
quantity of H,0 to get it completely ionized. It has 0.1 moles of H ,SO r It will yield 0.2 mol e or 0.2 
x 6.02 x 10 ’ H and 0.1 moles or ,0.1 x 6.02 x 10 w SO/ etc. Total positive charges will be 0.2 x 
6.02 x 10 if and the total negative charges will be 0.2 x 6.02 xltT’ (because each SO; has two 
negative charges). The total mass of II' is (0.2 x 1.008)g and that of SO/ is (0. 1 x 96) g. 


Example (8): 

How many molecules of water are there in 10.0 g of ice? Also calculate the number of 
atoms of hydrogen and oxygen separately, the total number of atoms and the covalent bonds 
present in the sample. 


Solution: 


Mass of ice (water) = lO.Og 
Molar mass of water = lSgmoI 1 


,c\0 


its - 1 



ules of water = Mass of water ir. gram Avogadr „. s number 

Molar mass of water in g mol 

— — - x 6.02 x 10“ 

18 g mol 


Basic Concepts 


Number of molecules of water - 0.55 x 6.02 x 10“ 

One molecule of water contains hydrogen atoms 
3.31 x 10 molecules of water contain hydrogen atoms 


One molecule of wafer contains oxygen atom 
3.31 x Kb molecules of water contains oxygen atoms 
One molecule of water contains number of covalent bonds 

3.31 x 10 molecules of water contain number of covalent bonds — 2x3.31 x i ff 


= ! 3 .31x 10' 1 Answer 

= 2x3.31 x10“ 

= lb. 68 x 10“] An s wer 
= 1 

-SUx.l^An swcr 

= 2 




Total number of atoms of hydrogen and oxygen 


6.68 x lfFi Answpi- 


— 6.68 x10^+ 3.31 x 10 
1x10“ Answer 


Example (9): 

10.0 g of H 3 P0 4 has been dissolved in excess of water to dissociate it completely into 

ions. 

Calculate, 

Number of molecules in 10.0 g of H 3 PQ 4> 


(a) 

(b 


(d) 

Solution: 

(a) 


& 


Number of positive and negative ions in case of complete 

c te© 


dissociation in water. 

Masses of individual ions. 

Number of positive and negative charges dispersed in the solution. 






Mass of HJPCh 
Molar mass of H,PO, 


No. of molecules of H 3 P0 4 , = — 


= 10 g 

= 3 + 31 + 64 = 98 
Mass of HyPO. 




Molar mass of H,P0 4 

= - 10g . x 6.02 x 10" 

98 g mol 

= 0.102 x 6.02 x 10“ 

= 0.614 x 10* 


x 6.02 x 10“ 


6.14 x 10“ 


(b) II, P0 4 dissolves in water and ionizes as follows 

h 3 po 4 . * 3ir + po; j - 

According to the balanced chemical equation 


h ; po 4 

1 

6.14 x 10“ 


H + 

3 

3 x 6.14 x 10“ 
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1.842 x 10* 1 

ence, the number of H + will be 1.842 x 10 M 


H 3 P0 4 

1 

6.14 x 10* 


PO/ 

1 

6.14 x 10 M 




2 


Hence, the number of P0 4 3 ' will be [6.14 x IQ 22 1 Answer 
(c). In order to calculate the mass of the ions, use the formulas 


Number of H + — 


Total mass of H 4 
Ionic mass of H* 


x 6.02 x 10* 


1.842 x 10 M = Total mass of H y g Q2 x 
1.008 

„ , , , u+ 1.842 x 10*’ x 1.008 ,. ...... 

Total mass of H = = 0.308 g 


- - 




to°° 


oV- 


No. of P0 4 " - 


6.14 x 10 a =■ 


Total mass of P0 4 - 


6.02 x 10 23 

Total mass of PC)/ 
Ionic mass of PO/ 

Total mass of P0 4 3 
95 

6.14 x 10 32 x 95 
6.02 x 10 23 


x 6.02 x 10 molecules 




»S 





x 6.02x10* 




9.689 g 


Answer 


(d) One molecule of H 3 P0 4 gives tliree positive charges in the solution 
6. 14 x Vf l molecules of H 3 P0 4 will give = 3 x 6.14 x 10/ 


= 1.842 x 10 positive charges Answer 


Number of positive and negative charges are always equal. So the number of , 
negative charges dispersed in the solution — 1.842 x 10 23 

1.5.2 Molar Volume 

One mole of any gas at standard temperature and pressure (STP) occupies a 
volume of 22.414 dm J . This volume of 22.414 dm 3 is called molar volume and it is true only 
when the gas is ideal (the idea of the ideality of the gas is mentioned in chapter three), 

With the help of this information, we can convert the mass of a gas at STP into its 
volume and vice versa. 

Hence we can say that 

2.016 g of H 3 - 1 mole of H 2 - 6.02 x 10' J molecules of H a = 22.414 dm 3 of H 2 at S.T.P. 
16g of CH 4 = 1 mole of CH 4 - 6.02 x 10“ molecules of 011*= 22.4 14 dmofCH, at S.T.P. 



Basic Concepts 




iL 


. — 


#> 


It is very interesting to know from the above data that 22 .4 14 dm 3 of each gas has a 
different mass but the same number of molecules. The reason is that the masses and the 
sizes of the molecules don't affect the volumes. Normally, it is known that in the gaseous 
state the distance between molecules is 300 times greater than their diameters. 

Example (10): 

A well known ideal gas is enclosed in a container having volume 500 cm 3 at S T.E Its 
mass comes out to be 0.72g. What is the molar mass of this gas. 


Solution: 


11 


volume. 


We can calculate the number of moles of the ideal gas at S.T.P from the given 


22.414 dm 3 or 224 14 cm 3 of the ideal gas at S.T.P = 1 mole 

1 


1 cm 3 of the ideal gas at S.T. P 
500 cm 3 of the ideal gas at S.T.P 

We know that 


1 

" 224I4 m ° eS 

= — l x500 

22414 

= 0.0223 moles 



Number of moles of the gas = — Mass of the gas 

Molar mass of the D 


outrano b-jumckd orit 


Molar mass of the gas 
Molarmassofthegas = — - — Mass of t he gas 

Number of moles of the gas 

Molar mass of the gas Aoswer 


1.6 STOICHIOMETRY 

With the knowledge of atomic mass, molecular mass, the mole, the Avogadro’s 
number and the molar volume, we can make use of the chemical equations in a much better 
way and can get many useful information from them. 

Chemical equations have certain limitations as well. They do not tell about the 
conditions and the rate of reaction. Chemical equation can even be written to describe a 
chemical change that does not occur. So, when stoichiometeric calculations are performed 
we have to assume the following conditions. 

1. All the reactants are completely converted into the products . 

2. No side reaction occurs. 

Stoichiometry is a branch of chemistry which tells us the quantitative relationship 
1 ' OTL-i l0t j : ' aiR * products in a balanced chemical equation 

l3W ° f - — «■ ^ .aw of Write 




18 







- fiii rf'jss io 'mb MKSS tori} Eld? ovods sdJ mod worn! oj gniteafiaJm yrsv si Jl 
■»!=: b.-if ."«fcBiii sriJ Jsdi as nosGsr sriT .aoiiraslonilo isdmun ameg adt tud zasm Jnsrrsfiib 

e#osefi§ sj 




equation. 

1> Mass-mass Relationship 

If #e are : givbri the ; ifi£& ‘bP b^ !> Sdbs^c6{-^ 'l3te^i^of-the other 
substances involved in the ch Ptbicdl reSctibh f rK ' r>sn ’ '*'* ’ ' -■) 3d of sue* a9fno»> assm 

2> Mass-mole Relationship or Mole-mass Relationship 

If we are given the mass of one substance, we can calculate the moles of other 
• ; substance and isuui vdi to gsiom to isdmun srii -jislaolso nto aW 

3) Mass-volume Relationship .smutov 

If we are given the md& of One subside; ‘tve'datl dale a lat d fife vbhimfe of the other 
substances and vice-versa. £ 

Similarly, mole-mole calculaffetB catjajsrfbe performed. 1 .2 to asg S eoD; oritto mo t 
Example (11): TT* [ 

Calculate the numbed of gr^ms of K.SO, c ridtof a tor ptowft rchto tvto C: n 1 4 rf nf KOH are 
reacted with excess of H 2 SO r Also gal^ulate the number of molecules of water produced. 

Solution: wiatnowM ,, , . , **mUW 

„ , . — : — — =: „ aeg 'Jilt to sojom to ludatU/L 

ror doing sucacalculatron^fiist of all convert the given mass of KOH into moles and 

then compare these tobies -With those pf K^O^jf b^e Jjtdipof the balanced chemical 
equation. afig urfito aslom tolsdnmW 

-•iiA of K.OH v_xitL. s 14,0 g. jj} 0 gg Kfn ibJoM 

Molar mass of KOH 11 ' - 39 + 16 + 1 = 56g/mol 

No. of moles of KOH - — , ] = 0.25 

odJ .oforn srij assrn ishratom .^iSiP^noJc to sgbdiwoml adj jihW 
Kquntion; u a sp a&m tty lsdnum 

To get the number ofmol.es of K,SO„ coMfttih « faWStf ™ vt ' 

oflJ mods Hot fori ob m gnonsJimn uvea gnorteupo isairnsriJ 

g vtfrng ?b oj nsdjirw od jpvs mo norJeups lm»i ra oH 3 4 .noiJossri io aim aifJ brus enobibnoo 
-toi iohoq -ru; znorMiis&n ahaismoiibidia oadw f o2 .loriao Jon gaob isrfj aacrsdo Isoixnaria 




MO°^' j — _^v 

.sfouborq adj oJni bsiiavnep yb Jolqmaj sib eJti&fpesfit sdi UA 


sgirsds ieoimsfh 
.apohtibnoo gnrwollol srit sinu&gs o} svsri sw 

.1 

.<<~w'X>d nortaEsi sbia o VI .2 


0.25 ; 0.125 

So, 0.125 moles of KjS 0 4 is being produced from 0.25 moles of KOH 

Molar mass of K 2 S0 4 = 2 x 39 + 96 

i jj. to Wfil odJ bns aefiJTi to noiJEvra^P^^i srit .anoiiKltples gniob eliriW 

.Mass of KjSO. produced - No. of moles x molar massjjsv'sdi v>re «noinoMov 
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= 0.125 moles x 174 g mol 1 

■” :.t s ; I = 21.75g - ! J, ; to3 : ■ y)i.-rr-*0 

To get the number of moles of H 2 0, compare the moles of KOH with those of water 

KOH R(PHto srnirl nV 

I JH hi VJi^yU # * 


1 : ' ■ 


0.25 


1 

0.25 


So, the number of moles of water produced is 0.25 from 0.25 moles of KOH 
Mass of water produced = 0.25 moles x 18 g mol 1 

hi-jimorb -3iit to yrtoinoidoiofa to nosfH.SQlK bootorobrnf /totolcjfm-j gmvsH 

r * Number of-molecules of water 4.r.;b : --., - No. ofmolesx 6.02x10^ - 

■ = 0.25 moles x6.G2x lO M molecules per mole &b 

ST ; . .. " *'1 ■ 

Example < 12): I . « turn < - ? -^a< A < g«n — m : ~ ••• - Ans er r , d ■ ■ 



1.14g7cm 3 . • '^itw • . - iniqmi worn mu/d wuvi atjjto/n •. • .. 

•Mg G j>‘ +• 2HCI (ati)^-— t-MgC^CatJ)- +-.H i (g> - - ' 


^l^JNrtxnqlo luuomfi cult ,vswa»f) nl .inKtossr g; 1 ^'to^^S^WiB/gnoo si rtoirfw 

9 ^yi2fiSiS 05gi titii 3 :«t 0 .bsen tfsislqrm© si ffidJ iniawt >tU yd buhnil gi g»m,r 

- 12.1 g 

— 2.016 g mol' 1 . 

»odT 


Mass of H z produced 
Molar mass of H.. 


UJh'5 


vx\au 
hfcnii 3 /fi 




erf* 


Moles of II _ Mass of II _ 12.1 g 

; : U /fc.!-. 9\V ; Molar mis'; nf H 9(\1& rtmnV^ 

h > ."gsrtoiwt -60 moles * g . - 33 

fr , , f , q | ei il Jnfitoaai'goiJum • . r . v ., 

to calculate the number or moles of HC1, compare the moles of II, with those of HC1. 

oojrv/ nrtol of fli&xn bife nastr^tmwJird nodosao ■ lobisao 3 
i K'ijiU ' - &>,> O + * h 2 

, , u . 6 : : 12 

bo t ,l2 moles of HU are bemg consumed to produce 6 moles ofR. 

Mass of HC1 rf , r 4? [Moles of IIC1 x -Molar, mass oil 1 Cl 

•: urn. = 12 moles x 26.5 g mol 1 

'„/* ; d ; H ’■? n ; io (88) g?’438 grams : Rn 

We know that HC1 solution is 27% by weighty it means that r • . , . 

27 g of HC1 are present in HC1 solution = 100g 

100 

1 s ^ s ™ ra . tl , , T 

438 g are present in HC] solution. -121 ,438 - 1622.2g 

2 7 


'roitnrrpo fBoinrarfcr 
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^<e e Density of HC1 solution 


Volume of HC1 


= 1.14 g/cm J 

= Mass of HC1 solution r i * JaH ° T 
Density of HC1 


1.7 LIMITING REACTANT 


1622.2 g 

1.14 g cm -3 


1423 cm 1 Answer 


to lydrnon srii ,o£ 
Ttq istsw Jo aasM 


Having completely understood the theory of stoichiometry of the chemical 
reactions, we shift towards the real stoichiometric calculations. Real m the sense that we 
deal with such calculations very commonly in chemistry. Often, in experimental work, one or 
more reactants is/are deliberately used in excess quantity. The quantity exceeds the amount 
required by the reaction's stoichiometry. This is done, to ensure that all of the other 
expensive reactant is completely used up in the chemical reaction. Sometimes, this strategy 
is employed to make reactions occur faster. For example, we know that a large quantity of 
oxygen in a chemical reaction makes things burn more rapidly. In this way excess of oxygen is 
left behind at the end of reaction and the other reactant is consumed earlier. This reactant 
which is consumed earlier is called a limiting reactant. In this way, the amount of product that 
forms is limited by the reactant that is completely used. Once this reactant is consumed, the 
reaction stops and no additional product is formed. Hence the I uniting reactant is a reactant 
that controls the amount of the product formed in a chemical reaction due to its smaller 


amount. 


The concept of limiting reactant is analogous to the relationship between the number 
of “kababs” and the “slices” to prepare “sandwiches". If we have 30 “kababs” and five breads 
“having 58 slices”, then we can only prepare 29 “sandwiches". One “kabab” will be extra 
(excess reactant) and "slices” will be the limiting reactant. It is a practical problem that we 
can not purchase exactly sixty “slices” for 30 "kababs” to prepare 30 “sandwiches”. 

Consider the reaction between hydrogen and oxygen to form water. 

2H s (g) + 0 2 (g) ► 2H 2 0(0 

When we take 2 moles of hydrogen(4g) and allow it to react with 2 moles of oxygen 
(64g), then we will get only 2 moles (36 g) of water. Actually, we will get 2 moles (36g) of 
water because 2 moles (4g) of hydrogen react with 1 mole (32 g) of oxygen according to the 
balanced equation. Since less hydrogen is present as compared to oxygen, so hydrogen is a 
limiting reactant. If we would have reacted 4 moles (8g) of hydrogen with 2 moles (64 g) of 
oxygen, we would have obtained 4 moles (72 g) of water. 


Identif ication of Limiting Reactanl 

To identify a limiting reactant, the following three steps are performed. 

1 . Calculate the number of moles from the given amount of reactant. 

2. Find out the number of moles of product with the help of a balanced 

— chemical equation. 
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3. Identify the reactant which produces the least amount of product as 
limiting reactant. 

Following numerical problem will make the idea clear. 

£ 

Example (13): 566.0 : Y8.f 

6 ' ' :,i< NIF' gas can be prepared by heating together two solids NH 4 C1 and Ca(OH) ; . If a 
mixture containing 100 g of each solid is heated then 

(a) Calculate the number of grams of NH 3 produced. 

(b) Calculate the excess amount of reagent left unreacted. 

2NH 4 Cl(s) + CafOH), (S) > CaCl 3 (s) + 2NH 3 (g) + 2H,0 (£) 

lowsn A x 5 1 t.O - (aaso/s. ) bo ingsinu lb! . ; 1 [ ' i ; B ' i Vi • ■- -,j,- 

S MWSr 001) a £.68 rtSw OtW \o s 00 f boxim ovsri biuods sw jsrfj mssm : 

(a) Convert the given amounts of both reactants into their number of moles. 

Mass of NH 4 C1 = 100 g 

Molar mass of NH.C1 = 53.5 g mol' 1 

bfoiy Isojok adJteils-j a wtom mb 100 _ 

Moles of NH 4 C1 = 1 - i — = 187 

CO c i - ] Lk0i c ifti > 1 . toe ! i.-;-* \n 

nodsupy Is-jimyrb boonslsd add mond haJstoc .-.Sgjnol .■^Q, S&}% r r , c 

= 100 g ^ 


\ 


ifiormorb b* Molar mass of Ca(OH), ,vn - 74 g mol 1 

a&W = 74gmol ! =L35 

tmfi gnr/ib , gnirfg&w b^s noijgi .nohdir • 

>:fi )o smoS .bloiy lautoa 2 orf} baixnso yheqcdq ton li nodssilkjayrj 

banaab io Jnuo/riK adi aoufcj; _ ' i 1 ^mraqnrro'j £ m Ttsq -rA&i ni%nn stasias n 

. q- '°^ l t ^ jyraaffi sd 7 ei blah; IsSTss adj snoitosai aril to jgom ni oB tar jfccnti 

b to y^^jlarly pomp^e the number pf moles of CaCOH), with those of NH V 

fo nnol orb ni 8bfyi\Ca(QH)i ■ < ! < fe fe gniiBqatoo yd 

onr i>Jsr - 1 

135 801 x fe70— - 

Since the number of moles of NH, produced by lOOg or 1.87 moles of NH 4 CI are less 
so NH<C1 is the limiting reactant. The other reactant, Ca(OH), is present in excess. Hence 
odJ oj yuibTO /J^s.spf.I^Ia produced ^ .1,87 m plesx 17 g mol' 1 

.botaem 8i onote amrlk, gi nyriw ,jp| =f |31. 79 g| Answer 
^ (b) Amount of the reagent present in excess ; 

Let us calculate the number of moles of Ca(OH), which will completely react with 
1.87 motes of NH 4 C1 with ^ .help of equation. For this purpose, compare NH 4 C1 and 

C&tOHJa 
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Hence the number of moles of CafOH), which completely react with l,87moles of 
NH 4 C1 is 0.935 moles. rwril boJsyri a i biloe does ■ gniniftJno'j o*im>: in 

No. of moles of Ca(0H) a taken —1.35- nun gdft tDK 

No. of moles of Ca(OH)*used -* 0.935 joms a**,** so? -u.fi, i 

No; of moles of Ca(OH), left behind = 1.35 - 0.935 if 0.415 : , j H ■ ' 

Mass of Ca(0H) 2 left unreacted (excess) = 0.415x74^30. 71g Answer 
It means that we should have mixed 100 g of NH 4 C1 with 69.3 g (100 - 30.71)of 
Ca(OH), to get 1 .87 moles of NH,. hi; ■ ■ s: : r ; -:7 ricivfio'l u;) 

S 001 - D ( HM to ggsM 

1.8 YIELD lr.fr; 3 5,£5 - DJM io gsum lsloM 

The amount of the products obtained in a chemical reaction is called the actual yield 

of that reaction. .<>.f= — — = oJlWloeoioM 

The amount of the pfoififcts calculated from the balanced chemical equation 
represents the theoretical yield. The theoretical yield is the maxihlum amount of the product 
that can be produced by a given amount of a reactant, according to f balanced chemical 

equation. „„ . n 001 

1 | /TTAU", 1 ? f tyr 

In most chemical reactions, the amount of the product/ obtained is less than the 



separation by distillation, separation Er^ a separating ^funnel, washing, drying and 
crystallization if not properly carried out, decrease the actual yield. Some of the 
reactants might take part in a competing side reaction and reduce the amount of the desired 
product. So in most of the reactions the actual yield is less than the theoretical yield. 

A chemist is i&Jally 'df a ^dadtibiii The feffieieticy of a 

reaction is expressed by comparing ths^'actual and theoretical yields in the form of 
percentage (%) yield. „ £ , , t 

% yield- ? leld x 100 56.1 

sir. j i^Hld t<; sosom 73.1 to gOO i lo eolofnlo isdraun sriJ ooniH 

(¥4V* 3 ai hraasnq m ,(H0)e 3 .jmstossi red jo sdT .jnsmat gomiml yrfj si fO^HM oz 

When lime stone (CaCOQiltoasted; quicklime 3GkG>4s^roduced According to the 
following equation. The act UalyM'd bi.fcaCf is 2.5 kg, when 4.5 kg of lime stone is roasted. 

What is the percentage yield ofthis reaction: ■ ; ni tnaesiqJiregBW srftlo JnuomA (d) 
iijiv/ ybialqfnoa hiw rfoiriw s (H0)s0 to ealom \o ladawd sdj sjsIudIkj eu lod 
bii„ JW/i 9isq moo irit loT ■ J * w WMlo z&lom 7H ■ 

* nfHOljSD 
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Solution: .noiisupo iBoiraodo hoonfifsd ani aiauboiq 

f ijiw Pi Afflttton*BS3§tflfa : ot aqted asMgto > , adT 

^nh£«i Hm. !f - ^Q0.g.- jjj 


Mass of quick lime produced (actual yield) 


<T) 


Molar mass of CaCO, 


= 100 g mol 1 


odl £ nt tranuspoo Insiosai ^ni Jtrnil A i Mi- 


According to the balanced chemical equation 


.bofmol etoi/borqio yfrinsup 


<e) 


10 

(i) 


h-AisiuD^4^/W9/<^^^:p^i.r &i nm$M s to hbiy kfrbros'ilj or(T 
-.1 noi 10^8^4 P^Hofjst/ps IsoTn^/^Qftonsisd « lo qiari aril djhv 
sd fi£3 4SOOig.'pf : t3ft0Qj:shoqldd>iMhr&®Al'/i J , bf5 J osifj aasi a yawl;; 

Mary ?sgaj§20t>q aJi gfiiJEhiolsa yd bo/horh 

Theoretical yield of CaO = 2520 g 

Actual yield of CaO = 2500 g 

% yield.m-, itc j ;n reflgftrfj rfRrtP^J» 3tfdj0!0!;B tgom srft Joobd 

1 heoretical yield 2520 k «.-i 

■ B ns TSthb soqruogj 

aasm noqu bis iq (k) 

alsjkho in gnoThsb to fn^magnsria (d) 

KEY POM^PSoiqkoiniorio /o)p.( 

o£>ttHtc& mms > r can combine to form 

molecules. Covalent compounds mostly exist in the form ofiholecules. Atoms and 
molecules! dl®$ ^(Adorisf qfeMihg 1 charged- particle^ called 

*®SSf MetalS'tendfifiR^cleSftffi^*, bedbfri mg positively- 1 changed fdm s. Non-metals 
tend to gain electrons forming negatively charged i^fiS^WftfeiX-rays or a -particles 

ar£ : * converted into 

8TOdnu aoWSSSflfi685tP seeesm oimotf, rravo dfrw aaqoioal to) 

(2) The atomic mass of an elemMf^fe ri dgfeffeifsed £ Wiffl ‘f^ference to the mass of 

*“ 8ia ^n 5 as i ^%Mfti^ #mm wrnm&dtim wmand The Actional atomic 

masses can be calculated from- hfe ;! THati^e'’ j ^hundahce of isotopes. The 
separation l( i^t^y# f ' "%tff 7 liV ma&i 

spectrograph. - IsnortoBTl Itesji at mole sd} lo Beam odt ( s) 

The form rife. A molecular 

substance can formula. The 

inte^ 

Combustion analysis is one of 'dtef ehbi frit the empirical formula 

and then the molecular formula of a substance bv knowing its molar mass. 

A mole of any substance is the AvogSfif^Jfiftbtteroi^^^^ pr-WSfelules 
formulaSfflSSWtl^suBKfe^fe'.O (o) gmdd.O (d) grn 800J (a) 

TW b&weeh aftd tlfe 

H9S)089cia<8#£itt>) 3::halsBftdecfe 5&fethkahygqdet4sh (M) knaves* ^tbidhiometry. The 
mole concept can.:bgm^a> W’dy«ulg?e> t^refetjvfe qfrantfHm^fireaetbnts add 

05.1 (b) o.f (a) oe.o <d> es.o (b) 


( 3 ) 


( 4 ) 


( 5 ) 

( 6 ) 
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products in a balanced chemical equation. 

(7) The concept of molar volume of gases helps to relate solids and liquids with 

gases in a quantitative manner. 


( 8 ) 

(9) 


A limiting reactant is completely consumed in a reaction and controls the 
quantity of products formed. 

The theoretical yield of a reaction is the quantity of the products calculated 
with the help of a balanced chemical equation. The actual yield of a reaction is 
always less than the theoretical yield. The efficiency of a chemical reaction can be 
checked by calculating its percentage yield. 


ifiO )o htsiv ts 


•jt.omoh 


EXERCISE 


Osl 


bloiy IfintjA 


Qi 

(i) 


Select the most suitable answer from the given ones in each question. 
Isotopes differ in 

(a) properties which depend upon mass 

(b) arrangement of electrons in orbitals 

(c) chemical properties 


■iuiv 


OI (i 


(ii) 


X 



ft? 


,o^ s ‘ 


(iii) 


(d) the extent to which they may be affected in electromagnetic 

c 1 , ,u . _ -T-f ^ n- ;l >...■■ ■■ 

Select the most suitable answer from the given ones in each question, 

(a) Isotopes with even atomic masses are comparatively 
abundant 

tb) Isotopes with odd atomic masses are comparatively abundant. 

(c) Isotopes with even atomic masses and even atomic numbers 
are comparatively abundant .. 

(d) Isotopes with even atomic masses and odd atomic numbers are 

** , com^ratively abundant. 

Many elements have fractional atomic masses. This is because 

(a) the mass of the atom is itself fractional . 

(b) atomic masses are average masses of isobars. 

/ \ . i "Ji-j Til 1. 

w atomic masses are average masses of isotopes. 

(d) atomic masses are average masses of isotopes proportional 
to their relative abundance. 

r . r? >1 vd tonsil Euoslom-jHjftarijhaO 

UY) 1 he mass of one mole of electrons is 

(a) 1.008 mg (b) 0.55 mg (c) 0.184 mg (d) 1.673mg 

(v) 27 g of A1 will react completely with how much mass of 0 2 to produce AljO a . 

(a) 8 g of oxygen (b) 16 g of oxygen (c) 32 g of oxygen (d) 24 g of oxygen 

(vi) The number of moles of CO* which contain 8.0 g of oxygen. . 

(a) 0.25 (b) 0.50 (c) 1.0 (d) 1.50 
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(vii) 

(viii) 

(ix) 

(x) 


Q2. 

(i) 

(ii) 

(iii) 

(iv) 

(v) 

(vi) 

(vii) 
(viii) 

Q3. 

(i) 

(ii) 

(iii) 

(iv) 

(v) 

(vi) 

(vii) 


(b) 

(c) 

(d) 


The largest number of molecules are present in 

(a) 3.6gofH 2 0 (b) 4.8gofC 2 H 5 OH (c) 2.8gofCO (d) 5.4gofN,0 5 
One mole of S0 2 contains 

(a) 6.02x10“ atoms of oxygen (b) 18.1 x 10“ molecules of S0 2 
(c) 6.02 x 10 23 atoms of sulphur (d) 4 gram atoms of SO, 

The volume occupied by 1 .4 g of N 2 at S.T.P is 1 111 

(a) 2.24dm 3 (b) 22.4dm 3 (c) 1.12dm 3 (d) 112 cm 3 
A limiting reactant is the one which 

(a) is taken in lesser quantity in grams as compared to other 
reactants. 

is taken in lesser quantity in volume as compared to the other 
reactants. 

gives the maximum amount of the product which is required, 
gives the minimum amount of the product 'under 
considerati flifi j aaqotoalj 

Fill in the blanks 

The unit of relative atomic mass is j j ? 

The exact masses of isotopes can be determined by 
spectrograph. nun oirm “ 

The phenomenon of isotopy was first discovered by . 

Empirical formula can be determined by combustion analysis for those compounds 

which have and __inthem. 

A limiting reagent is that which controls the quantities of 

1 mole of glucose has atoms of carbon, of ! oxygen and of 

hydrogen. 

4g of CH 4 at 0°C and 1 atm pressure has molecules ofCH/i ' 

Stoichiometric calculations can be performed only when 
obeyed. Bhirmol msrD 

Indicate true or false as the case mav be: nor m m 1 


— , xtouiwuwh duum tne total numper ot atoms 

presentin the molecule. mi: n.;, ;j joivs'arf-jjiv/? ■; mi ■ : xj/ ■ 

During combustion analysis Mg(C10J 2 ^ employed to absorb water vapours. 
Molecular formula is the integral multiple : of empirical formula and the 
integral multiple can never be unity. . . 

The number of atoms m 1.79 g of gold and 0.023 gof sodium are equal. 

The number of electrons in the molecules of CO and N 3 are 14 each, so 1 g of each 
gas will have same number of electrons. 

Avogadro's hypothesis is applicable to all types of gases i.e. ideal and non- 
ideal. ^rnirru Bsxmf irTTuiw 


Uii’A'-M 

1 j l \ 


(ii) 

is 

Uii) 


(vi) 

9.0 


m 




Cviii) Actual yield of a chemical, xeactfon^-may, - ; gijeai^r ^ . til g{ J&iip or et^ 

-<P?&S*-c (b) ODfoa8.S (a) HOjHptog&.b (d) Ojnogri.g ( fi j 

What are ions? Under what conditions are they :i ^uccdi ir>0 j 0fr!0n0 (Hiv) 

08 to esi oo'jioni “‘01 x l .81 t d) nagyxo h > emof s n 0l x S0.8 to ) 

(a) What $1% |Ipw 4p ^pu^edjjce. the fr^tfonal atomic masses of 

elements from the re]a% f 

support of answer^ g , ^ : J. ' o ** . ~"' 1 

How does a mass spectrograph show' tlifere‘3ai:iVe aWundariddbf isotopes of an 
element? ooinw sno on J a t Jrnoasa’t gm jimnA (x.) 

r^rilo ^ is’tKe ‘ nisti^catroi/ “oP two’ stfdne m "(he m)Ms snectrum for 


Q.4 

Q.5 


(b) 



Tsbnu 


Vlll « ■ iuu*u Aj.fcj.n-j. iiuv if ii U UVrlyLLl 

naturally i.e. Ag-107, and 4g-lQ9. Given the following -mass spectrometric data, 
calculate the average atomic mass of s Oven * ^ 


Isotopes 

Mass (amu) 

Percentage abun dance 

lift ,sp 

oriT £|) 

TTTT 

A g 

lw * 

Ag 

106.90509 

108.90476 

51.84 odmdd ^tft q 
iSKj n -jim4§^vi isloo to tint 


3 - m r . M _i , tv <Z^J£*:sxm cuuuygjj 

Q.7 Boron with atomic number 5 has two naturally topes. 

Calculate the percentage abtmd^tceof “g C u t 
shm-tnformatiam sot skyIexie noifeudmoo yd bemnnetob ad heo filuimof [Bohiqm3 (vi) 

Average atomic mass of boron amu_ b lle ovsrf doidw 

Isotopic mass of‘^B fo eabitnsup orfj si Jnog&s i gniiiniil A (v) 

Isotopic mas&of.^B nod iso to ^iJijflOSQamusri o 8 «<Af»:< 203 Ma%i 79^9&2) 

Q ,8 Define the following terms and give three examples of each . ~ n^goibyd 

(i) GramatSfeeafoosIom (v) i bns 3°0 Js t H0 fo§b 

*■ ® Grant tnol^ulanmass- ^ ^cAvftgjid^iw*^ i on^moiffoiotg 

(ill) Gram formula (vii) Stoichiometry hoy-sdo 

(iv) Gramion (viii) »I* to rnnt oJ S oibnl 


(irr) 

(iiiv) 


£Q 


(i) 

(it) 


T *■’■£ it £ it * ,GM va*JI ^Ilvi W I.p OJBOEOui 

Q.9 Justify , ifK) dnuol orb bns a^qofoai seirft aari ncaVi 

-■,v$h 23 g o£ sodiunxaad 238g <rf?utwiitw^.^avg;e®iaiituraber^)f §tpna§ ip 3 

b) Mg atom i s twic e h ea vier than that of carb on atom . . c» E u o alofn eri J fit Jtraao'Kj 

c) lWgm &$£&&&&■ 342 gfofi sutFbSe -hfotfe^fhe same tfiaifiB&fiQf 1 BfiSK&les bat) 
; : br^ffefeeHtinumbw of atonis prdse&tin tltemstni »di ei sbmnol isUmloM (vi> 

A Q a- of TT urh^n /'nmnUtfilu i iiVtUTf# flfl rtr'mIgTT t jfim rrrrofr-i i 



- ” ~T m ^r r “TT w FV ulu f f vriiu-t fi v.u iwno aic LvyilwC U1C llUIIlber'tlff^ 

rie^tiveiy^h^^diby : bm { • J 10 iom artr ru mmio^lslo isdmuti aifT (iv) 

.Isebi 
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0 Two grams of H 2> 16‘gbf CH,,aud 44 g ®fe6@ 2 ^0^-sgfia5ate]s tteOfpkiihSS pf 22 .414 
dm’ 1 , although ,% masses^! gs$§s ape ,y$£z> diffefqnf) 

from each othe^K Hid (vi) h OF,{ f HVT) (iii) (eoitO.HMOaHSdGi) JffM (i) 

Q.10 Calculate each of the faUpwip&quantities. 

a) Mass in grapis nvgpiim to *zem*m q arft oitai^ 2 # 2 ^ 

b) Moles ofO atoms in 9.00g of Mg-fN^-s ( f jj) .OTHL(,Hkf) (ti) t OT.fAa*&p4p mole ) 

c) Number of ©atoms in 10T13?^f Cu^£3iT^ (H) IPde.dS = 

d) Mass inkilograms of2>6 :X: IQf jp0^ule.SiOf;SQ a fgof{i arf* si ,0 ^^^&£0KjiO*4&X} 

e) Moles of Cl atoms in 0.822 to ssata driJ 3i£ki jIAp $»|H§ J 38 #$aieB)q 

f) Mass in grams of 5. 136 moles of Ag»QDyc aril to g 6,01 ni emote O bnh&L^MiS&rgjk j 

g) Mass in gramsof : 2.78 x -lO^^HidldcUtesb^SOtClgO . w'dd-d ~H ,^01<Aiissft^l58 g) 

h) N’umberbf moles andTormttla’units'ihlOO^g-'ofKOOjl'’ si looylg anaiviiJH ?,(.Q 

** - ! hm 3mHi s LSd *em 

i) Number of K + ions CIO 3 ions, Cl atoms, and 0 atoms in (h). 

(Ans: 4.91 x Rf* K'. 4.91.x 10 23 CIO, 1 , 4.91k 10" CT , l.-17>: !()" 0 H ’ 1 

Jsri // -OR 80.P boa .Ww f p ® o8^B , j 3? S.8d anitanpo A .sshzusn hm 

Q-l-l Aspartame, the artificial sweetner, has a molecular formula qi 1.1,^,^-. 

.mmWfflnsQrSwom s it a i 

4 . 1?WA ft? WS* Rt«W. mole i» M Warn tMSUMf 

s 88 .s Ttto&mmtem, 

( ■- c). What is the mass in grams of 10.122 moles of aspartame? (Ans: 2975.8^0/ 

d) H 0 w :Wi By hydrogen atorns are nig^Mg sni& 3 ,rr g, „ 

( v - 4 t TH j. ^ m { 4 "_ JAns: M$5 jc £0 ^torps of H) 
Q.12 A sample of 0.600 moles of a metal M reacts completely wifh 'excess of 
fluorittdtO fe?4&8 g Of* ; iS - ! ' J OJ *>»*« ** & i0 «*« wofT Cs 

a) HoW many moles of F are present in the sample of MF,, that forms? 

Sortetoo )o atom unomo-fi bocubcnq ad neo .03 to go lo re m&fes) 

b) Which element is represented by the symbol M? (Ans: calcium) 

Q- l3fti each o?^3te ! if ^^ah^ll& n bre^ua!l : : 

a)" Individual particles: 0.4 mole of oxygen molecules or 0.4 mole of oxvcen 


to 






e) Total ions: 2.3 moles of NaCIO, or 2.0 moles 




f) Molecules: ll.OgHO or 1 1 .0gH|£ 3 1,1 Z y " &s- 

*° awx gmr>B^7dD3rrftL‘FjeT :w ynsm woH .amoqsv roisw bfistyfsb; 


5 ) ; Nation; 0.500 moles of NaBr or 0.0145 kg of NaCl. 
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h)Mass: 6.02 x 10® atoms oi "U or 6.02 x 10* atoms of**U. il (Ans: , 

Q.14 a) Calculate the percentage of nitrogen in the four important fertilizers i.e. 
(i) NH a (ii) NHjCONHj (urea) (iii) (NHJ^O, (iv) NH 4 N0 3 . I to .> i n- . - ; n ■ < i i 

(Ans: 82.35%, 46.67%, 21.21%, 35^)' 

b) Calculate the percentage of nitrogen and phosphorus in each of the following: 

(i) NH 4 R,P0 4 (ii) (NHJ 3 HP0 4 (iii) (NH^PO, . f ■ ii iii aniQjE Oi* » z$UM (d 
(Ans: (i)N= 12.17%, P=26.96% (ii)N= 21 . 21 %, P =23.48% (iii)N= 28 . 18 %, P= 20 . 81 %) 
Q.15 Glucose Cfi u 0 ( is the most important nutrient in the cell for generating chemical 
potential energy. Calculate the mass % of each element in glucose and determine the 
number ofC.H and 0 atoms in 10.5 g of the sample. rn ■ : m r 

(Ans: C =40%, H = 6.66%, 0= 53.33%, C = 2. 107 x 0 23 , H = 4.214 x 10“, 0=2.107 x 10“ 
Q-16 Ethylene glycol is used as automobile antifreeze. It has 38.7% carbon, 9 7 % 
hydrogen and 51.6% oxygen. Its molar mass is 62.1 grams mol 1 . Determine its empirical 
formuIa - ? . . (Ans, C H,0) 

Q.17 Serotenin (Molar mass = 176 g moP ) i s a compound . that conducts nerve 

impulses in brain and muscles. It contains 68.2 % C, 6.86 % H, 15.09 % N, and 9 08 % 0 What 
is its molecular formula. (Ans:CJ«6f 

Q. 18 An unknown metal M reacts with S to form a compound with a formula M 2 S; If 3.12 g 
ot M reacts with exactly 2.88 g of sulphur, what are the names of metal M and the Compound 


MA? 

Q.19 

a) 


... ,, . .. . (Ans:Cr; Cr 2 S,) 

Tile octane present in gasoline bums according to the following equation. 

2C*H M 0) +250, (g) ► 16C0 2 (g) + 18H 2 0(1) 

How many moles of 0 2 are needed to react fully with 4 moles of octane’ 

- "Tfour 

T, , B 1 k> eslota mqjes) 

How many moles of C0 2 can be produced from one mole of octane? 

How many moles of water are produced by the combustion of 6 moles ofoctape? , 

If this reaction is to be used to synthesize 8 moles of CO, how m^^ms of^ 
oxygen are needed? How many grams of octane will be used?(^s; .400 g: m g) 
Calculate the number of grams of A1 2 S 3 which can be prepared by the reapfrep 0 f 20 a 
ot A1 and 30 g of sulphur. How much the non-limiting reactant is in excess ’ 

Pubivibnl (b 

. ■; (Ans: 46.87g;3.125g) 

Q 'i A jruxture of two liquids, hydrazine N,H 4 and N 5 0 4 are used in rockets. Th^j 
produce N, and water vapours. How many grams of N, gas will be formed bvfeactini; 100g of 

N^andZOOgofNjO*. ! * Kw ' : AIsViio «m{om ooc.o '(Ahsfl3l.04g) 


b) 


c) 


d) 


Q.20 
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2N 2 H, +NA 


-► 3N, + 4H„0 




Q.22 Silicon carbide (SiC) is an important ceramic material. It is produced by allowing 
sand (SiOg)to react with carbon at high temperature* 

SiO a + 3C ► SiC +2CO 

^ Wb|n 100 kg sand is reacted with excess of carbon, 51.4 kg of SiC is produced. What is the 
7 -percentage yield Of SiC ? (Ans: 77%) 


, 0-23 a). Wlial is. .stoichiometry? Give its assumptions? Mention two important 
laWs, which hejp.to perform the stoichiometric calculations? 

b) What is a limiting reactant? How does it control the quantity of the product 
formed? Explain with three examples? 

Q.24a) Define yield. How do we calculate the percentage yield of a chemical reaction? 

b) What are the factors which are mostly responsible for the low yield of the products in 
„ ! . . chemical reactions ? 

. Q. 25 Explain the following with reasons. 

i) Law of conservation of mass has to be obeyed during stoichiometric 
calculations. 

- ii) Many chemical reactions taking place in our surrounding involve the limiting 

reactaiitSiOd; gnh. 

iii) No individual neon atom in the sample of the element has a mass of 20.18 amu. 

iv) One mole of H,S0 4 should completely react with two moles of NaOH. How does 
Avogadro's number help to explain it. 

v) One mole of H,0 has two moles of bonds, three moles of atoms, ten moles of 
electrons and twenty eight moles of the total fundamental particles present in it 

vi) N 2 and CO have the same number of electrons, protons and neutrons. 
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,t3 o,m + m « — 

aotiboiq si }| Jehslfini xaaaaa Jnsnoqmr ns ef (Dig) shicfrse 

.SKfjEiaqmsJ djj 

03< 


m ob a wic) dDiaisD .mm he: j 

:&fyttpter ::m 




9flJ 3 

a j Y"!£ 

msnoqmi owj nobnsM ^no'nquwasE sfi 9vi0 

^snoitsioolK) ahjamoirfoiola 9ri 

l ouboiq odJ to YfiJnsnp mi? iannoj h asob wojj 'e 

, % ' ;ylior ?- A com P lete 

. C he mica 1 characterization yf a compound must include both qualitative and quantitative 
jffiAySwS? qikffe$v£ attaiysik%e'&^ with the detection or identification 

of the elements present in a compound. Whereas in quantitative analysis, the relative 
amounts of the elements are determined. A complete quantitative determination generally 
omagfst&of four majorsteps (i) Obtaining a sample for analysis <ii) Separation of the desired 
constituent (iii) Measurement, and calculation of results (iv) Drawing conclusion from the 
- , mwly^is* ■ -hifrtisjtv t chapter,.:, we t will . , restrict- course Ives to; only important techniques of 
separation. The students will practice these techniques during their laboratory work 
whe r e^^^ir^^^t}^j ; ty^tnaqttt.i|s.^^h^g 1£g ^ m moJfi 003fT {gl . 

t wb wo ^pj |^ ' m dlw JOfiai flateiqmio bfoonV .C^H to slor o =o s 

Ji nklcpco ol qfcwf ladnnffl eoibegi >v A 

lo sbiom T^r PSfiOT flf is used tq separate insoluble particles from liquids. It can be 

p med ^ Mm °f # and 

nfn^r tar-tors; wTii^n mo^mm k,n ,,^^4 j^Qg^ COUVCnicnt W3VS of 



‘IA A Filtration Through Filter Paper 

F 1 iltration by a glass funnel and filter paper is usually a slow process. As the mixture 
is poured onto the filter paper, the solvent (water) passes through leaving behind the 
suspended particles on the filter paper. Filter papers are available in a variety of porosites 
(pore sizes) .Which pore size is to be used, depends upon the size of particles in the 
precipitate. The filter paper should be large enough so that it is one-fourth to one-half full of 
precipitate at the end of filtration. The funnel should, in turn, be large enough for its rim to 
extend 1 to 2 cm above the top circumference of the paper. If the process of filtration is to run 
smoothly, the stem of the funnel should remain continuously full of liquid as long as there is 
liquid in the conical portion. I he stem of the funnel should be several inches long so that it 
can extend a few centimeters down into the receiving beaker, and the tip should touch the 
side of the beaker. In this way, the filtrate runs down the side of beaker without splashing. A 
complete filter paper assembly is shown in Ftg(2.1). 
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Foldi ng of Fil ter Paper 2 

The folding of filter paper is important and 

^ide^The fit^t'fold shdirid -iii ■ 1 
be along the diameter of the paper. The second fold 
should be such that edges do not quite match. The 
paper should be opened on the slightly larger 



■£u A ii- - i- ; ■ u lOisu^iu lijioua !i; iiiiou uuutt:i;n>6 ot 

other naifway around, and an apex angle very r . , _ 

,1 , 1 r\ f. • rpt .k\ . ■?. • JO ; . ’--‘i — ‘ti/ lii fiJij 

S tly greater than, 60 degrees. The paper may 
Be : i nSbrt&dHiit-O’ feddegf ed fShnet, moistened . ' 

The filtering !mn Tig. (2.1)Fil:raf ion assembly 

godqi:>nnq ai*ad ari'I ^evlog 

mn.- K£*r*i->di Prmoz Sh- 
unless the paper fits tightly all arouttff’its lipp'dr r* 
circumference. (aJ (b) 

oj ytsagsoan ei fi fins aiasd Ishi bn* lid no tro^jrfo ai 

: H3bl i 

3; ,>o, ! 

pa i K ' r - For preparation of such a pape^prdinftiWVi mrw u,-, 

filter paper is folded in such a wsy t th^;a fanJ^e r 

arra o&BtiliQM ^and , Wfcriria hlpbifa *[ .iu 
depressions at various folds is obtained Fig(2^; ;i ;r v si: ■>[£ paper 

Jiaoq^b bliioda ii goilooo oO ;/i 



(e) ii 



;if GS6eIrOi 1 iria«^^ oadisa .mvdcnoftfo .anofeoe ,-ierite iydiaib Jonsrite aiuloads dlormriJo 

JS 



be done by placing the Gooch^Uflb^h'^gtfcft^- 1 ? * erri 13 ^'j 
filtering apparatus. It is useful for the filtration of l j 
precipitates, which need to be ignited at high 

. sldBJa 

• p be M 

that react with Cnicit.it- ^ 

KMn0 4 solutions. with filtering apparatus glass Crucible 


eriJ ghriatlE yef bbvocTorrrrsdj 3ii> nojiulne bpteiutfis yd} m aatfnuqmi eldnloani odT 
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Sintered glass crucible 

Sintered glass crucible is a glass crucible with a porous glass disc sealed into 
the bottom. It is very convenient to use because no preparation is needed as with the Gooch 
crucible Fig (2.3b) 


2.2 


\ - 


m^TALLIZATION ^ : ./' 

Crystallization is the removal of a solid from solution by increasing 
us concentration above the saturation point in such a manner that the excess 
solid separates out in the form of crystals. 

The preparation of a chemical compound usually affords a crude 

solvent The hS ^ 3 ^ r° ^ * by cr y stallization 6™ a suitable 
solvent The basic principle of crystallization is the fact that the solute should 

m a + f U!tab!e soIvent at hi § h temperature and the excess amount' of 
the solute is thrown out as crystals when it is cooled. The process of 
crystallization involves the following steps. 

2.2.1 Choice of a Solvent 

The solvent is chosen on hit and trial basis and it is necessary to try a number of solvents 
before arriving at a conclusion. An ideal solvent should have the following features. 

l. It should dissolve a large amount of the substance at its boiling point and only a 
small amount at the room temperature. 

It should not react chemically with the solute. 

It should either not dissolve the impurities or the impurities should not 
Crystallize from it along with the solute. 

On cooling it should deposit well-formed crystals of the pure compound. 

It should be inexpensive. 

It should be safe to use and should be easily removable. 

The solvents which are mostly used for crystallization are, water, rectified spirit (95% 
ethanol), absolute ethanol, diethyl ether, acetone, chloroform, carbon tetrachloride acetic 
acid and petroleum ether. If none of the solvents is found suitable for crystallization, a 
combination of two or more miscible solvents may be employed. If the solvent 'is 
inflammable then precaution should be taken while heating the solution so that it does not 
catch fire* In such cases, water bath is used for heating purpose, 

2*2*2 Preparation of the Saturated Solution 

After selecting a suitable solvent, the substance is then dissolved in a minimum 
amount of solvent and is heated directly or on a water bath with constant stirring. Add more 
solvent to the boiling solution if necessary until all the solute has dissolved. 

2,2*3 Filtration 

The insoluble impurities in the saturated solution are then removed by filtering the 


it. 

iii. 

iv, 
v* 
vi. 
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hot saturated solution, through a normal or a fluted filter paper. This avoids the premature 
crystallization of the solute on the filter paper or in the funnel stem. If necessary hot water 
funnel should be used for this purpose. 

2.2.4 Cooling 

The hot filtered solution is then cooled at a moderate rate so that medium sized 
crystals are formed. Slow cooling yields bigger crystals which are likely to include 
considerable amount of solvent carrying impurities with it and complicating the drying 
process. 

2.2.5 Collecting the Crystals 

V\ hen the crystallization is complete, the mixture of crystals and the mother liquor is 
filtered through a Gooch crucible using a vacuum pump. Full suction is applied in order to 
drain the mother-liquor from the crystals as effectively as possible. When the filter cake is 
rigid enough it is pressed firmly with a cork to drain the left-over liquid. The crystals are then 
washed with a small portion of cold solvent and the process is repeated several times. The 
mother liquor is quite often concentrated by evaporation and cooled to obtain a fresh crop of 
crystals. T he process of crystallization appears to be very simple yet the success of 
operation lies in the amount or the percentage of ciystallized product obtained from the 
crude substance. 

2.2.6 Drying of the Crystallized Substance 

Pressing it between several folds of filter papers and repeating the process several 
times di ies the crystallized substance. This process has the disadvantage that the crystals 
are crushed to a fine powder and sometimes the fibres of filter paper contaminate the 
product. Alternatively, the crystals are dried in an oven provided the substance does not melt 
or decompose on heating at 100° C. 

A safe and reliable method of drying crystals is through a vacuum desiccator. In this 
process the crystals are spread over a watch glass and kept in a vacuum desiccator for 
several hours. The drying agents used in a desiccator are CaCl„, silica gel or phosphorus 


2.2.7 Decolourization of Undesirable Colours - O 

Sometimes during the preparation of a crude substance, the colouring matter or 
resinous products affect the appearance of product and it may appear coloured. Such 
impurities are conveniently removed by boiling the substance in the solvent with the 
sufficient quantity of finely powdered animal charcoal and then filtering the hot solution. The 
coloured impurities are adsorbed by animal charcoal and the pure decolourized substance 
crystallizes out from the filtrate on cooling. 
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2,3 MimimA TION 

It is a process in which a solid, when heated, 
vapourizes directly without passing through the liquid 
phase and these vapours can be condensed to form the solid 
again. It is frequently used to purify a solid* Examples of 
such solids are ammonium chloride, iodine, naphthalene, 
benzoic acid, etc. To carry out the process, the substance is 
taken in a watch-glass covered with an inverted funnel. The 
substance is then heated slowly over a sand-bath and the 
funnel is cooled with wet cotton. The pure solid deposits 
on the inner side of the funnel Fig (2.4), 


Sublimate 

Crude 

Substance 


Cotton Plug 


Wet Cotton 



Watch glass 


Sand bath 


Fig. (2,4) Sublimation 



Stopper 


Ether layer 


Water layer 


2.4 SOLVENT EXTRACTION 

Solvent extraction is an important technique in 
chemical analysis. According to this technique a solute can 
be separated from a solution by shaking the solution with a 
solvent in which the solute is more soluble and the added 
solvent does not mix with the solution. Usually it is done 
by placing the solution and the second liquid into a 
separating funnel Fig (2.5). The funnel is stoppered and the 
two liquids are shaken together. 

'Hie most common laboratory example of solvent 
extraction is ether extraction. This is used to separate the 
products of organic synthesis from water. In a typical 
organic synthesis, the aqueous solution containing the 
organic product is shaken up with ether in a separating 
funnel and allowed to separate. The inorganic impurities 
remain in aqueous phase whereas the organic compound 
goes to the ether layer. 1 he ether layer is separated and 
the organic product is obtained by evaporating the ether. 

Repeated extractions using small portions of solvent (ether) are more efficient than using a 
single but larger volume of solvent. The technique is particularly useful when the product is 
volatile or thermally unstable. 

■ e ^ ct ‘ on is m equilibrium process and follows the distribution law or paitition 

• - bw states Sg a soIute distributes itself between two' immiscible liquids in a 

constant ratio of concentrations irrespective of the amount of solute added. The law is 

jased on experimental evidence. Consider, for example, the distribution of iodine between 
two immiscible solvents, water in the presence of KI and carbon tetrachloride. Iodine reacts 
with iodide ion to produce tri-iodide ion in a reversible reaction. The following dynamic 


Fig.(2,5) Separating funnel 
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equilibrium is established. 

jj + 

soluble in CC1 


I (aq) 


(aq) 


soluble in watei 

At this point the rate at which iodine passes from CC1., to water equals the rate at which it 
passes from water to CC1 4 . 

So r if we add CC1 , to an aqueous solution of I ions, the iodine will transfer from the 
aqueous layer into the organic layer. As a result p the brown colour of the tri-iodide ions fades 
and the purple colour of free iodine molecules appears in organic phase. To achieve a good 
separation, the two liquids are gently shaken to increase their area of contact and improve 
the chances of transferring iodine molecules. No matter how much iodine is used, the ratio ot 
the final concentrations at equilibrium is constant. The constant is called distribution 
coefficient, K and is given by ^ _ [1 ,(CC1 , )] 


K- 


I ' ) 


2.5 CHROMATOGRAPHY 

Another important application of the distribution phenomenon is chromatography. 
The word chromatography’ originates from the Greek word “Khromatos” meaning colour 
writing. 

Chromatography is a method used primarily for the separation of a sample of 
mixture. It involves the distribution of a solute between a stationary phase and a mobile 
phase. The stationary phase may be a solid or a liquid supported as a thin film on the surface 
of an inert solid. The mobile phase flowing over the surface of the stationary phase may be a 
gas ora liquid. 

In chromatography, substances are separated due to their relative affinities for the 
stationary and mobile phases. The distribution of the components of a mixture between the 
two phases is governed by distribution coefficient K. 

C oncentration of a comp onent in the moving phase 

Concentration of that component in the stationary phase 

The component of a mixture with a small value of K mostly remains in the stationary 
phase as the moving phase flows over it. The component with a greater value of K remain's 
largely dissolved in the mobile phase and passes over the stationary phase quickly. 

Chiomatography in which the stationary phase is a solid, is classified as adsorption 
chromatography. In this type, a substance leaves the mobile phase to become adsorbed on 
the surface of the solid phase. 

Chromatography in which the stationary phase is a liquid, is called partition 
chromatography. In this type, the substances being separated are distributed throughout 
both the stationary and mobile phases, 

1 here are various techniques of chromatography. One such technique namely > iapi v 
chromatography is discussed below. 
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2.5.1 PAPER CHROMATOGRAPHY qO ^ 

It is a technique of partition chromatography. Here the stationary phase is a liquid 
(say H 2 0) adsorbed on paper. The adsorbed water behaves as an immiscible liquid towards 
the mobile phase, which passes over the paper. The mobile phase is usually an organic liquid. 
There are three common ways of carrying out paper chromatography namely (i) ascending 
(ii) descending (iii) radial/circular. Only the ascending type will be discussed here. In this 
technique the solvent is in a pool at the bottom of a vessel in which the paper is supported 
and the solvent travels upwards by capillary 7 action. 

A solvent mixture, specially composed in 
accordance with the sample to be separated, is 
poured into the chromatographic tank Fig (2.6). 

Cover the tank to homogenise its inner 
atmosphere. Take about 20 cm strip of Whatmann's 
chromatographic paper No.l and draw on it a thin 
pencil line about 2.5 cm from one end. Spot a point, 
on the pencil line, with the sample mixture 
solution. To ^facilitate identification of the 
components of the mixture, spots of the known 
compounds may also be placed alongside. 

When the spots have dried, suspend the 
paper with clips so that the impregnated end dips 
into solvent mixture to a depth of 5-6 mm. Cover the 
tank. As the solvent front passes the spots, the 
solutes begin to move upward. The rate at which 
they move depends on their distribution 
coefficients. When the solvent front has risen to 
about & th of the length of the paper, remove the 
strip, mark the solvent front with a pencil and allow the strip to dry. 

Once the paper is dried, the pattern on the paper is called a chromatogram. The 
different components of the mixture, if coloured, can visually be identified. If colourless, the 
chromatogram has to be developed by chemical methods or physical techniques used to 
identify the spots. Each component has a specific retardation factor called R ( value. The R; 
value is related to its distribution coefficient and is given by: 

Distance travelled by a component from the original spot 

Distance travelled by solvent from the original spot 
With reference to Fig 2.7 the chromatogram shows that the sample A contains both 
components B and C. The R, values for B and C are given by: 

x 

y~ 

z 



Fig. (2.6) per chromatography 
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Uses or Chromatography , v - 

The techniques of chromatography are very useful in organic synthesis for 
separation, isolation and purification of the products. They are equally important in 
qualitative and quantitative analyses and for determination of the purity of a substance. 


1 ) 

2 ) 

3 ) 

4 ) 

5 ) 
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6 ) 

7 ) 


8) 
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KEY POINTS 

A complete characterization of a compound must include both qualitative and 
quantitative analyses. 

A complete quantitative analysis of a compound generally involves four 
major steps. 

The process of filtration is used to separate insoluble particles from liquids 
and it can be performed with several types of filter media. 

if the process of filtration with the filter paper is to run smoothly, the stem of the 
funnel should remain continuously full of liquid as long as there is liquid in the 
conical portion. 

The filtering operation with the filter paper could be very time consuming if it 
were not aided by a gentle suction as liquid passes through the stem. 
This suction cannot develop unless the paper fits tightly all around the upper 
circumference of the funnel. 

The rate of filtration can be considerably increased using a fl uted filter paper. 

A solid compound is purified by crystallization from a suitable solvent. A 
solvent for crystallization should be able to dissolve the solute at high 
temperature and the maximum amount of the solute should be thrown out by the 
solvent when the solution is cooled. The process of crystallization 
involves many steps. 

The process of sublimation involves converting a solid directly into vapours and 
these vapours are then condensed to form solid again. It is frequently 
used to purify a solid. 

Solvent extraction technique involves the separation of a solute from a 
solution by shaking it with an immiscible solvent in which the solute is more 
soluble. The technique is mostly applied to separate organic compounds 
from water. 

Repeated extractions using small portions of solvent are more efficient than 
using a single extraction but large volume of solvent. 

Solvent extraction is an equilibrium process and it is controlled by 
distribution law. The technique is particularly useful when the compound to 
be separated is volatile or thermally unstable. 

Chromatography is a technique used for separating the components of a 
mixture. These components are distributed between a stationary and a 
mobile phase. The stationary phase may be a solid or a liquid supported on a 
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14) 


solid It adsorbs the mixture under separation. The mobile phase may be a 
liquid or a gas and while passing over the stationary phase, competes 
with it for the constituents of the mixture. 

In paper chromatography, the stationary phase is water adsorbed on paper. 
The mobile phase is usually an organic liquid. 

The techniques of chromatography are very useful in organic synthesis for 
separation, isolation and purification of the products. 


Q.l 

(i) 


(ii) 


(in) 

(iv) 
<v) 


Q.2 

(i) 

m 

(Si) 

(iv) 


(b) 

(c) 

(d) 




EXERCISE 

Multiple choice questions. 

A filtration process could be very time consuming if it were not aided by a 
gentle suet ion which is developed: 

(a) if the paper covers the funnel upto its circumference. 

(b) if the paper has got small sized pores in it. 

(c) if the stem of the funnel is large so that it dips into the filtrate. 

(d) if the paper fi ts tightly. 

During the process of crystallization, the hot saturated solution: 

(a) is cooled very slowly to get large sized crystals. 

is cooled at a moderate rate to get medium sized crystals, 
is evaporated to get the crystals of the product. 

is mixed with an immiscible liquid to get the pure crystals of the 
product. 

Solvent extraction is an equilibrium process and it is controlled by. 

(a) law of mass action, (b) the amount of solvent used . 

(c) distribution law. (d) the amount of solute. 

Solvent extraction method is a particularly useful technique for separation 
when the product to be separated is: 

(a) non-volatile or thermally unstable, (b) volatile or thermally stable. 

(c) non-volatile or thermally stable. (d) volatile or thermally unstable. 

The comparative rates at which the solutes move in paper chromatography, 
depend on: 

(a) the size of paper (b) Rvalues of solutes. 

(c) temperature of t he experiment . ( d) size of the chromatographic tank used. 

Fill in the blanks. 

A complete chemical characterization of a compound must include . 

During filtration tire tip of the stem of the funnel should touch the side of the 
beaker to avoid . 

A fluted filter paper is used to the process of filtration. 

A solvent used for crystallization is required to dissolve of the 

substance at its boiling point and at the room temperature. 


(v) Repeated solvent extractions using small portions of solvent are 
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than using a single extraction with larger volume of the solvent. 0^ ' 

Tick the correct sentences. If the sentence is incorrect, write the correct 
statements. 

(i) 




& 


A qualitative analysis involves the identification of elements present 
in a compound. 

(ii) If the process of filtration is to run smoothly, the stem of the funnel 
should remain empty. 

(iii) If none of the solvents is found suitable for crystallization a 

combination of two or more immiscible solvents may be used. 

(iv) A solute distributes itself between two immiscible liquids in a 

constant ratio of concentrations depending upon the amount of 
solvent added. 

(v) Paper chromatography is a technique of partition chromatography. 

Q.4 Why is there a need to cry stall ize the crude product? 

Q.b A water insoluble organic compound aspirin is prepared by the reaction of 
salicylic acid with a mixture of acetic acid and acetic anhydride. How will you 

separate the product from the reaction mixture? 

Q.6 A solid organic compound is soluble in water as well as in chloroform. During its 
preparation, it remains in aqueous layer. Describe a method to obtain it 

from this layer. 

Q.7 The following figure shows a developed 
chromatogram on paper with five spots. 

(i) Unknown mixture X 

(ii) Sample A • 

(iii) Sample B 

(iv) SampleC 

(v) Sample D 

Find out (i) the composition of unknown mixture X 
(ii ) which sample is impure and what is its 

composition. 

In solvent extraction technique, why repeated extraction using small portions of 
solvent are more efficient than using a single extraction but larger volume of 

solvent? - \ ,CL 

Write down the main characteristics of a solvent selected for crystallization of a 
compound. 

You have been provided with a mixture containing three inks with different colours. 
Write down the procedure to separate the mixture with the help of paper 
chromatography. 
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3.1 STATES OF MATTER 

Matter exists in four states'i.e., solid, liquid, gas and plasma. The simplest form of 
matter is the gaseous state and most of matter around us is in the solid state. 

Liquids are less common than solids, gases and plasmas. The reason is that the liquid 
state of any substance can exist only within a relatively narrow range of temperature and 
pressure. 

Let us look at the general properties of gases, liquids and solids. Kinetic molecular 
theory of gases can help us understand their properties. 

3. 1. 1 Properties of Gases ^ -e'o 0 

1. Gases don’t have a definite volume and occupy all the available space. The 
volume of a gas is the volume of the container. 

2. 1 hey don t have a definite shape and take the shape of the container just like 
liquids. 

3. Due to low densities of gases, as compared to those of liquids and solids the 
gases bubble through liquids and tend to rise up. 

4. Gases can diffuse and effuse. This property is negligible in solids but 
operates in liquids as well, 

5. Gases can be compressed by applying a pressure because there are large 
empty spaces between their molecules. 

6. Gases can expand on heating or by increasing the available volume. Liquids 
and solids, on the other hand, do not show an appreciable increase in volume 
when they arelieated- 

7 . When sudden expansion of gases occurs cooling takes place, it is called- 
Toule Thomson effect. 

a Molecules of gases are in a constant state of random motion. They can exert a certain pressure 
on die walls of the container and this pressure is due to the number of collisions. 
9. The intermolecular forces in gases are very weak. 

3.1.2 Properties of Liquids 

!■ Liquids don't have a definite shape but have a definite volume. Unlike solids 
they adopt the shape of the container. 

2. Molecules of liquids are in a constant state of motion. The evaporation 
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and diffusion of liquid molecules is due to this motion. 

3. The densities of liquids are much greater than those of gases but are close to 
t hose of solids. 

4. The spaces among the molecules of liquids are negligible just like solids. 

5. The intermolecular attractive forces in liquids are intermediate between 
gases and solids. The melting and boiling points of gases, liquids and solids 
depend upon the strength of such forces. 

6. Molecules of liquids possess kinetic energy due to their motion. 
Liquids can be converted into solids on cooling i.e., by decreasing their 
kinetic energy. Molecules of liquids collide among themselves and 
exchange energy but those of solids can not do so. 

3.1.3 Properties of Solids 

1. The particles present in solid substances are very close to each other and 
they are tightly packed. Due to this reason solids arc non -compressible and 
they cannot diffuse into each other. 


2. There are strong attractive forces in solids which hold the particles togethei 
firmly and for this reason solids have definite shape and volume. 

3. The solid particles possess only vibrational motion. 

jh^r i Units of Pressure : ^ .r) 0' ’ 


The pressure of air that can support 760 mmHg column at sea level, is called 
one atmosphere. It is the force exerted by 760mm or 76cm long column of mercury 
on an area of 1cm 2 at O'C.It is the average pressure of atmosphere at sea level 
lmmHg=ltorr. The ST. unit of pressure is expressed in NnV 2 . One atmospheric 
pressure i.e 760 torr is equal to 101325Nm' 2 . 

lpascal- INm' 2 . So, 760 torr = 101325Pa - 101.325 kilopascals (kpa is another 
unit of pressure; 

The unit pounds per square inch (psi) is used most commonly in engineering 
woik, and 1 atm — /60 torr — 14.7 pounds inch' 2 . The unit millibar is commonly 
used by meteorologists. 


It is a matter of common observation that when external conditions of temperature 
and pressure arc changed, the volume of a given quantity of all gases is affected. This effect is 
nearly the same irrespective of the nature of the gas. So gases show a uniform behaviour 
towards the external condi tions. The gas laws describe this uniform behaviour of gases. The 
relationships between volume of a given amount of gas and the prevailing conditions of 
temperature and pressure are called the gas laws. Different scientists, like Boyle, Charles, 
Graham and Dalton have given their laws relating to the properties of gases. 

3.2.1 Boyle's Law 

In Boyle's law the pressure and volume are variables while the temperature and 
quantity of a gas remains constant. Boyle’s law is stated as follows: - 
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inversely 


The volume of a given mass of a gas at constant temperature is invi 
proportional to the pressure applied to the gas. 


So 


or 


V ri 


V = -jpr 


(when the temperature and number of moles 
are constant) 


PV = k (when T and n arc constant) (1) 

'k' is proportionality constant. The value of k is different for the different amounts of 
the same gas. 

According to the equation (1), Boyle's law can also he defined as The product of 

pressure and volume of a fixed amount of a gas at constant temperature is a constant quantity. 

So P,V, - k and P.V, = k 

Hence P,V, = P,V, 

PjV, are the initial values of pressure and volume, while P.V, are the final values of 
pressure and volume. 

3.2.2 Experimental Verification of Hoyle's Law 

The following diagram Fig. (3.1) indicates that at constant temperature say at 25 "C, 

2 atm pressure 






Fig (3.1) Verification of Boyle's Law 

the volume of a given quantity of a gas is reduced in proportion to the increase in pressure. 
Let us take a gas in a cylinder having a moveable piston. The cylinder is also attached with a 
manometer to read the pressure of the gas directly. Let the initial volume of gas is 1 dm* and 
its pressure is 2 atmospheres when the piston has one weight on it. When the piston is 
pressed twice with the help of two equal weights, the pressure becomes four atmospheres. 
Similarly when the piston is loaded with a mass three times greater, then the pressure 
becomes sij; atmosphere^. The initial volume of the gas at two atmospheres is 1dm , it is 
reduced to 2 dm ' and then 2 dm with increase of weights, respectively Fig (3.1). 


P.V, = 


2 atm x 1 dm - 2dm i atm - k 


Gases 




X 


P,V, — 4atm x g dm 11 = 2dm‘atm = k 

P,V, = 6 atm x -J- dm' = 2 dm" atm = k 
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Hence Boyle's law is verified. 

The value of k will remain the same for the same quantity of a gas at the same 
temperature. 


Example 1 

A gas having a volume of 10 dm J is enclosed in a vessel at O'Cand the pressure is 2.5 
atmospheres. This gas is allowed to expand until the new pressure is 2 atmospheres. What 
will be the new volume of this gas, if the temperature is maintained at 273 K. 


Solution 

Initial volume of gas (Vj) 
Initial temperature (T,) 
Initial pressure (P, ) 

Pinal pressure (Pj 
Final temperature (T,) 
Final volume (V.) 


- 10dm 1 

= 0'C+ 273 K = 273 K 
= 2.5 atm 

- 2 atm 
= 273 K 


, - 

Since the temperature is constant (T, - T,) Boyle’s law is applicable 
P,V, = P_V, (when T and n are constant) 


to 0 






V =PV 

' P, 

V - 2.5 atm x 10 dnr' _ 

2 atm 

3.2.3 Graphical Explanation of Boyle's Law 


12.5 dm J Answer 


Let us lake a particular amount of y 

a gas at a constant temperature say 0 "C 
and encluse it in a cylinder having a piston 
in it. When the pressure of the gas is 
varied, its volume changes. Increase in "g 
pressure decreases the volume. If a graph - 
is ph >t ted between pressure on the x-axis I 
(abscissa) and volume on the y-axis ■§ 
(ordinate), then a curve is obtained as 
.'hown in the Fig (3.2). 

This curve is called isotherm ’iso 1 
means same, "therm" means heat 

Now increase the temperature of . 



Fig (3.2) Isotherm of a gas at 0 C. 
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the gas to 25°C. Keep this temperature constant and 
again vary the pressure and volume, and plot the 
isotherm. It goes away from both the axes Fig (3.3). The 
reason is that at higher temperature, the volume of the 
gas has increased. Similarly, if we increase the 
temperature further, make it constant and plot another 
isotherm, it further goes away from the axis. 

If a graph is plotted between^-on x-axis and the 
pressure P on the y-axis then a straight line is obtained as 
shown in the Fig (3.4). This shows that the pressure and 
inverse of volume are directly proportional to each other. 
This straight line will meet at the origin which means 
that when the pressure is very close to zero, then the 
volume is so highthat its inverse is very close to zero. 

By increasing the temperature of the same gas 
from Tj to T 2 and keeping it constant, one can vary 
pressure and volume. The graph of this data between P 
and y will give another straight line. This straight line 
at T., will be closer to the pressure-axis Fig (3.4). 

Now, plot a graph between pressure on x-axis and 
the product PV on Y-axis. A straight line parallel to the 
pressure axis is obtained Fig (3.5). This straight line 
indicates that 'k' is a constant quantity. At higher constant 
temperature, the volume increase and value of product 
PV should increase due to increase of volume at same 
pressure, but PV remains constant at this new 
temperature and a straight line parallel to the pressure 
axis is obtained . This type of straight line will help us to 
understand the non-ideal behaviour of gases. Boyle's law 
is applicable only to ideal gases. 


Y 



Fig (3.3) Isothermes of a gas at different 
temperatures. 



Fig (3.4) A plot between P and y 


Y 



and product of PV 

3.2.4 Charles's Law 

It is a quantitative relationship between temperature and volume of a gas and was 
given by French scientist J. Charles in 1787. According to this law. 

mass of a gas is directly proportional to the absolute temperature when the pressure is kept 
constant ’ ' , ,, 00* 

V k T (when pressure and number of moles are constant) 

V = kT 


= k 
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If the temperature is changed from T, to T 2 and volume changes from V! to V,, then 

Y* =k 

T„ 


-— = k and 


So, 


Vi 

T, 


T, 


(2) 


The ratio of volume to temperature remains constant for same amount of gas at same 
pressure. 


3.2,5 Experimental Verification of Charles's Law 

Let us consider a certain amount of a gas enclosed in a cylinder fitted with a movable 
piston. The volume of the gas is V, and its temperature is T,. When the gas in the cylinder is 
heated both volume and the temperature of 
the gas increase. The new values of volume 
and temperature are V 2 and T, respectively 


Fig(3.6). Experiment shows that 



Example 2 

250 cm' of hydrogen is cooled from 
127 °C to -27 °C by maintaining the pressure 



Fig (3.6) Verification of Charles's law 
constant. Calculate the new volume of the gas at low temperature. 


Solution 

Pressure has been kept constant so this gas is obeying the Charles's law. 

Initial volume (V,) = 250 cm 3 = 0.25 dm 3 

Initial temperature (T,) = 127 °C + 273 K= 400 K 

Final temperature (T s ) = -27 °C + 273K = 246 K 

Final volume (V,) = ? 

According to Charles's law 

y - y (when pressure and number of moles are constant) 




V T ; 

V, - ^ 


^e e 


V, = 


0.25 dm* x 246K 
400 K 


-0.153 dm = 153 cm 1 Answer 




.9^ 


So by decreasing the temperature the volume of the gas has decreased at constant pressure. 
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3.2.6 Derivation of Absolute Zero 1 ;^pX3 

In order to derive absolute zero of temperature, consider the following quantitative 
definition of Charles’s law. 

At constant pressure, the volume of the given mass of a gas increases or 
decreases by — of its original volume at 0 "C for every 1 "C rise or fall in temperature 
respectively. 

In order to understand the above statement, look at the Table ( 3 . 1 ) of temperature- 
volume data of a hypothetical gas. At 0 C the volume of the gas taken is 346 cm 1 . It is twice 
273cm ’, and is being supposed for the sake of convenience of understanding. At 273 C, the 
volume of the gas has doubled (1092 cm 1 ) and it should become practically zero at -273 C. 

The general equation to know the volumes of the gas at various temperatures is 


V, = V„(1 + 


Where 


273 


) 


(3) 


V, = vol u m e of gas at te mpera tu re ' 1' 

V u — Volume of gas at 0 U C 
t — Temperature on centigrade or Celsius scale 
If a gas is warmed by 1 C , it expands by 273 of its original volume at 0 C. Since 
volume is 546 cm) so for 1 C rise in temperature. 2 cm ; increase in volume will take place. 
2 cm ’ is the ^of 546 cm'. . Similarly, for 100 C rise in temperature, a change of 200 cm will 
take place. The Table (3.1) shows that the volume does not increase corresponding to increase in 
temperature on Celsius scale. For example, the increase in temperature from 10 C to 100 "C, 
increases the volume from 566 cm to 746 cm ) 


V 




Table* 3.1 \ Volume-Temperature data for a given amount of a at constant press mo 




eW 




Volumes 
. (cm") 

Celsius 

Temperature 

CC) 

Temperature 

(K) 

A= k=cm s K 1 

1092 

273 

546 

2 

846 

150 

423 

2 

746 

100 

373 

2 

646 

50 

323 

2 

566 

548 


283 

274 

2 

2 

546 

0 

273 

2 

WJ 

544 

-1 

272 

2 

526 

-10 

263 

400 

-73 

200 

2 

346 

-100 

173 

2 

146 

-200 

73 

2 

0 

-273 

0 
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The two sides of equation are not equal. So, Charles's law is not being obeyed when 
temperature is measured on the Celsius scale. 


For this reason a new temperature scale has been developed. It starts from 273 X 
(more precisely -2/3.16 C) which is called zero Kelvin or zero absolute. Let us now 
explain how the new temperature scale has been developed. The best way is to plot a graph 
between the variables of Charles's law. 


Graphical Explanation 

If we plot a graph between temperature on x-axis and the volume of one mole of an 

ideal gas on y-axis, wc get a straight 
line which cuts the temperature axis at 
273.16 C. This can be possible only if we 
extrapolate the graph upto -273.16 X. This 
temperature is the lowest possible 
temperature, which would have been achieved 
if the substance remains in the gaseous state 
Fig (3.7). Actually, all the gases are converted 
into liquids above this temperature. 



Temperature fC) 


tig (3.7) The graph between volume 
and temperature for a gas according 
to Table (3.1). 


Charles s law is obeyed when the 
temperature is taken on the Kelvin scale. For 
example, at 283 K (10 ”C) the volume is 566 cm 1 , 
while at 373 K (100 U C) the volume is, 746cm 5 
T able (3.1). According to Charles's law 

V, = V* _ k 

T: T 2 ■ 

566 = 746 = 2 = , 

283 373 

Greater the mass of gas taken, greater will be the slope of straight line. The reason 
is that greater the number of moles greater the volume occupied. All these straight lines 
when extrapolated meet at a single point of -273.16 "C (0 Kelvin). It is apparent that this 
emperature of -273.16 C will be attained when the volume becomes zero. But for a real gas 
the zero volume is impossible which shows that this temperature can not be attained for a 
real gas. This is how we recognize that -273.16 "C must represent the coldest temperature. 


,oVS - 9 


*Y> 


48 




Chemistry XI 


8.2.7 Scales of Thermometry 

CkQ q There are three scales of thermometery which are used for temperature 
measurements. 

1 a ) Centigrade Scale; It has a zero mark for the temperature of ice at one atmospheric 
pressure. The mark 100°C indicates the temperature of boiling water at 1 
atmospheric pressure. The space between these temperature marks is divided 
into 100 equal parts and each pan is l n C. 

F a h re n he: l Sc ale: Ihe melting point of icc at 1 atmospheric pressure has a mark 
32'F and that of hoiling water is 212 K The space betweenthese temperature marks 
is divided into 180 equal parts and each pan is 1 F 
(c) Absolute or Kelvin Seale: The melting point jf ice at 1 atmospheric 

pressure is 273K. The water boils at 373K or more precisely at 373. 16K. 
Temperature on Kelvin scale - Temperature C + 273.10 

Following relationships help us to understand the interconversion of various scales 
of temperatures. . 

K — X + 273.16 
°C = 5/9 [“F - 32] 

°F - 9/5("C) + 32 


p >oO° 

* 

3.3 GENERAL GAS EQUATION 

While describing Boyle's and Charles's laws, some of the variables are held constant 
during the changes produced in the gases. According to Boyle's law. 



V oc L 


(when' hand ’ T are held constant) 


According to Charles's law 

V x T (when n and Pare held constant) 

It is a well known fact that volume of the given gas at constant temperature and 
pressure is directly proportional to the number of moles (Avogadro's law). 

V qc n (when P and T arc held constant) 

Ifwe think for a moment that none of the variables are to be kept constant then all the 

above three relationships can be joined together. 






S 




nT 


V - constant 


nT 






•V 




The constant suggested is R which is called general gas constant. 

nT 

V= R — 
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w^~ 

PV - n RT 


3 * 




PV = n RT .......... (4) 

T hc equation (4) is called an ideal gas equation. It is also known as general gas 
equation. This equation shows that if we have any quantity of an ideal gas then the product of 
its pressure and volume is equal to the product of number of moles, general gas constant and 
absolute temperature. This equation is reduced to Boyle's law, Charles's law and Avogadro's 
law, when appropriate variables are held constant . 

PV - n RT, when T and n are held constant, PV = k (Boyle's law) 


V = R 


nT 


, when P and n are held constant, V = kT (Charles's law) 


nT 

V = R — * w hen P and T are. held constant V= kn (Avogadro's law) 


Foi one mole of a gas, the general gas equation is 
PV = RT 


’ 


PV „ 
or — =R 






h means that ratio of Fy to i ;? . jcnutant quantity (molar gas const 

Mi =R I& =R 

T, T, 

Therefore, n .. 

PV, _ P 2 V, 

(5) 

1 l z 

3-3*1 Ideal Gas Constant R 

The values and units of R can be calculated by Avogadro’s principle very easily. Its 
value depends upon the units chosen for pressure, volume and temperature. The volume of 
one mole of an ideal gas at STP (one atmospheric pressure and 273.16 K) is 22.414 dm 3 
Putting these values in the general gas equation will give the value of R. 


R = 


PV 

nT 


Putting their values, alongwith units 




£ _ 1 atm x 22.414 dm J 
1 mole x 273.16 K 




to 0 


,o*s - 9 




R — 0,0821 dm 3 atm K 1 mol" 1 

, ^ atmospheres ’ V0lUine in dra3 > then the value of R, used 

should be 0.0821 dm atm K 1 mol' 

The physical meanings of this value is that, if we have one mole of an ideal gas at 
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, 273.16 K and one atmospheric pressure and its temperature is increased by 1 K, then it will 
ahsorb 0.0821 dnP-atm of energy. dm a -atm is the unit of energy in this situation! Hence, the 
,* value of R is a universal parameter for all the gases. It tells us that the Avogadro’s number 
i of molecules of all the ideal gases have the same demand of energy. If the pressure is 
J expressed in nun of mercury or ton* and the volume of the gas in cm 3 than values of R are, 

R - 0.0821 dm 3 atm K ' mol 1 
= 0.0821 x 760 dm 3 mm Hg K' 1 mol' 1 

= 62.4 dm 3 mm Hg K 1 mol Since, (1 mm of Hg = 1 torr) 

= 62.4 dm J torr K' 1 mol' 1 

= 62400 cm 3 torr K' 1 mol 1 As, (1 dm a = 1000 cm" ) 

Using SI units of pressure, volume and temperature in the general gas equation, the 
value of R is calculated as follows. The SI units of pressure are Nm" and of volume are m\ By 
using Avogadro’s principle 

1 atm = 760 torr - 101 325 Nrrf 8 
lm’ = 1000dm 3 

i n — 1 mole 

T -273.16 K 
P = 1 atm - 101325 N nf 8 
V - 22.414 dm 3 = 0.022414 m 3 
Putting their values, alongwith units. 






^e e 


too 




R = 


PV 

nT 


1 0132?) Nm-x 0.02241m 3 


Since 


So, 


1 mol x 273.16 K 

R = 8.3143 Nm K 1 mol 1 = 8.3143 J K ' mol' 1 (1 Nm » 1J) 
leal. = 4.18 J 


R = 


8.3143 

4.18 


= 1. 989 cal K 1 mol 1 


Keep in mind that, wherever the pressure is given in Nm s and the volume in m :! , then 
the value of R used must be 8.3143 J K' 1 mol 1 . 

3.3,2 Ocniity of an Ideal Gas 

For calculating the density of an ideal gas, we substitute the value of number of moles 
(n) of the gas in terms of the mass (m), and the molar mass (Ml of the gas. 

>XP° 




n = 


m 

M 



PV - -5L RT 

M 

Equation (6) is an other form of general gas equation that may be employed to calculate 


Gases 


, yjg 

the mass of a gas whose P T, V and molar mass arc known. Rearranging equation (6) 





PM = — RT 

V 

PM = dRT 
PM 


^ & 


«-f > 


d 


RT 


(7) 


Hence the density of an ideal gas is directly proportional to its molar mass. Greater 
the pressure on the gas, closer will be the molecules and greater the density. Higher 
temperature makes the gases to expand, hence density falls with the increase in 
temperature. With the help of equation (7), one can calculate the relative molar mass (M) of 
an ideal gas if its temperature, pressure and density are known. 


as ui t 


A sample of nitrogen gas is enclosed in a vessel of volume 380 on' 1 at 120 °C and 
pressure of 101325 Nm' 2 . This gas is transferred to a 10 dm 3 flask and cooled to 27“C. 
Calculate the pressure in Nm' 2 exerted by the gas at 27 "C. 

All the three pat ameters of this gas have been changed, so we can solve this problem 
by using the general gas equation of the form IjXj _ T& 

T, Tj 

Preferably, convert the volume to dm s and temperature to Kelvin scale. 

Initial volume of the gas (VJ = 380 cm' = 0.38 dm 3 


Initial temperature (T,) 
Initial pressure {P t ) 
Final temperature (T,) 
Final volume fV K ) 

Final pressure (P,) 




e'o 0 


,oV^ 




p L v, 

T, 

P 2 

P, 


= 120 “C + 273 K = 393 K 
= 101325 Nm' 2 
- 27 “C + 273 K = 300 K 
= 10 dm 3 
= ? 

P,V, 

T, 

JP&xJk 

T V 

, 101 3 25Nm" x 0.38dm J x _ 300 K 
303 F x 0 or ■ 


to° 


,o^ s 


•9 




Example i 

Calculate the density o. t. H, at 0 


2938 Nm" v.swer 

a: .. . atitiospheric pressure. What will 


52 


Chemistry XI 






happen to the density if (a)temperature is increased to 27 X, (b) the pressure is 
increased to 2 atmospheres at 0 X. 0^ 

Solution 

Temperature of the gas = OX + 273 K - 273 K 

Pressure of the gas = latm 

Molecular mass of the gas = 16 g mol' 

Gas constant (R) =0.0821 dm' atm K‘ mol 4 

Formula for density of a gas at any temperature and pressure 

PM 
RT 

1 atm x 16 g mol 1 


Putting values 


d 

d 


0.0821 dm 3 atm K' moFx 273 K 


Simplifying the units d - 


1x16 




0.0821 x 273 


gdm 


d - 


0.7138 g dm 1 Answer 


“ V'* r AOC I UUl J TV Cl 

It means that under the given conditions 1 dm 1 of CH< gas has a mass of 0.7138 g. 

(a) 


sO 



»v> 


Density at 27 “C 

Temperature = 27 + 273 = 300 K 
Putting values in the equation of density and simplifying the units. 

PM 1 atm x 16 g mol 1 

= 0.649 g dim 


d = 


RT 0.0821 dnXatm.K ‘.mol 4 x 300 K 

So, by increasing the temperature from 0 X to 27 X the density of gas has decreased 
from 0. 7 138 g dm to 0.649 g dm '.The increase of temperature makes the molecules of a gas 
to move away from each other. 


(b) Density at 2 atmospheric pressure and 0 °C 

T =0 + 273 = 273 K 
P =2 atm 

Putting values in the equation and simplifying the units. 

PM 2 atm x 16 g mol 1 

d - 


PM 

RT 


0.0821 dm 3 .atm.K ’.mol' 1 x 273 K 


: 1.427 gdm 3 


•V 




The increase of pressure has increased the density of CH 4 . The density has almost 
doubled by doubling the pressure. The reason is that increase of pressure makes the 
molecules to come dose to each other. 



Gases 
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Example 5 V^O L 

Calculate the mass of 1 dm 3 of NH, gas at 30 C and 1000 mm Hg pressure 
considering that NH, is behaving ideally. 


Solution 

Pressure of the gas 
Volume of the gas 


- 1000mmHg=-^00-=L3i5atm 

760 


= 1 dm 3 

Temperature of the gas - 30 J C + 273 K = 303 K 

Molecular mass of the gas = 17 g mol' 1 

General gas equation PV = RT can be used to calculate the mass (m) of the gas. 


Rearranging m = 


PVM 


RT 


Putting values along with units 



Mass of NH — icjjj-, 3 a tm x 1 thn x 17 g mol 1 
0.0821 dm atm K" 1 mol ; x 303 K 

Simplifying the units 



. 9 * 


0.907 g Answer 




Mass of NH . = - 1 - 315 y 1 x 17 g _ 

0.0821 x 303 

, !& 1S ^ , maSS ^ dm ' unc ' er the given conditions. In other words, it is the 

density of NH,, if it is acting as an ideal gas. 

3.4 AVOGADROS LAW 

According to this law, 'equal volumes of all the ideal gases at the same temperature 
and pressure contain equal number of molecules". This statement is indirectly the same as 

® us f d for evaiuatin 6 the general gas constant R i.e., one mole of an ideal gas at 

2/3.16K and one atm pressure has a volume of 22.414 dm 3 . Since one mole of a gas has 
Avogadro s number of particles, so 22.414 dm 9 of various ideal gases at STP will have 
Avogadro s number of molecules i.e. 6.02 x 10 a . 

molecules = S^O^xlO^ 3 ** 3t 2?3 ' 16 K atmospheric pressure hfts number of 

In other words, if we have one dm 3 of each of H 3t He, N„ 0, and CO in separate 

vessels at STR then the number of molecules in each will be 2.68 x lir This is obtained by 
dividing 6. ()2x Hr with 22.414 dm 3 y 

Similarly, when the temperature or pressure are equally changed for these 

of moS l. e e n 2 h 68 "ToS qUal ^ U «* *“ *>» ™ —her 
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No doubt, one dm" of H, at STP weighs approximately 0.0899 grams and one dm J of 0 2 
at STP weighs 1.4384 g, but their number of molecules are the same. Although, oxygen 
molecule is 16 times heavier than hydrogen, but this does not disturb the vol um e occupied, 
because molecules of the gases are widely separated from each other at STP One molecule 
is approximately at a distance of 300 times its own diameter from its neighbour at room 
temperature. 




3.5 DALTON'S LAW OF PARTIAL PRESSURES 

John Dalton studied the mixtures of gases and gave his law of partial pressures. 

According to this law, i he total pressure exerted bv y-.uw- -< ofnun-reaamui.’ ■ - - 

*ir individual partial pressures, bet the gases are designated as 1,2,3, and their 
partial pressures are p„ p 2 , p 3 .The total pressure (P) of the mixture of gases is given by 

P« = Pi + P, + P-i 

The partial pressure of a gas in a mixture 1 is the pressure that it would exert 
on the walls of the container, if it were pt ; that same volume under the same 

temperature. 

Let us have four cylinders of same \ oiume, i.e., 10 dm 5 each and three gases R,, CH 4 
and 0 2 are separately enclosed in first three of them at the same temperature. Let their 
partial pressures be 400 torr, 500 torr and 100 torr respectively. All these gases are 
transferred to a fourth cylinder of capacity 10 dm 3 at the same temperature. According to 
Dalton's law 7 

p = Pm + Pern + Pi = (400 + 500 + 100) torr 

P, = 1000 torr 

These three non-reacting gases ai : behaving independently under the normal 
conditions. The rapidly moving molecules of r ich gas in a mixture have equal opportunities 
to collide with the walls of the container. Hence, each gas exerts a pressure independent of 
the pressure of other gases. The total pressure is the result of total number of collisions per 
unit area in a given time. 

Molecules of each gas move independently, so the general gas equation (PV=nRT) 
can be applied to the individual gases in the gaseous mixture. 



PH,V =n Ha RT 
PCH,V = n CH, RT 
Po,V = n o , RT 


PH: - n H 2 ^- 


Pcil 4 = !1 CH 4 


RT 


Po 2 = n O, 


RT 


Pit x n Hi 


PCH 4 * HCHj 

ci&Vr 

P0 2 oc n 0 2 






—A is a constant factor for each gas. 
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“ 


wS-V _vtS.V* 

All these gases have their own partial pressures. Since volumes and temperatures 
are Ihe same, so their number of moles will be different and will be directly proportional to 
their partial pressures . 

Adding these three equations 


P — p + p + p 

1 Ml MJ1 Mj 


P - = K + n ^ +n n)~^ 


where n , = n + n + n 

Li, Ol, Oj 


P - n, 

V 

P t V = n.RT (8) 

According to equation(8), the total pressure of the mixture of gases depends upon 
the total number of moles of the gases. 


* 


* 0.1 t ai culation of Parti al Pressure of a < ^ as 

The partial pressure of any gas in a mixture of gases can be calculated, provided one 
knows the mass of that gas or its number of moles alongwith the total pressure and the total 

number of moles present in the mixture. \ oW 

In order to have a relationship, let us suppose that we have a mixture of gas A and gas 
B. This mixture is enclosed in a container having volume (V). The total pressure is one atm. 
The number of moles of the gases A and B are n A and n u respectively. If they are maintained at 
temperature T, then 


P,V = n,RT (equation for the mixture of gases) 

p A V = n A RT (equation for gas A) 

P U V - n B RT (equation for gas B) 


Divide the first two equations 




•X) Q 

Similarly 


TaX. = 
p.v 


Pa 

Pa 

Pb 


n A RT 
n,RT 


n, 


P. 


n. 

n. 

n. 

^ x A P t 

- x„ P, 


(9) 


a® 0 o^ s 

(x A is mole fraction of gas A) 


•9 


& 


Partial pressure of a gas is the mole fraction of that gas multiplied by the total 
pressure of the mixture. Remember that mole fraction of anyone of the gases in the mixture 
is less than unity. Moreover, the sum of mole fractions is alway & equal to unity 
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Example 6 

There is a mixture ot hydrogen, helium and methane occupying a vessel of volume 
13 dm at 37 "C and pressure of 1 atmosphere. The masses of H, and" He are 0.8 g and 0. 12 g 
respectively. Calculate the partial pressures in torr of each gas in the mixture. 


V 




Solution 

Volume of the mixture of gases = 13 dm 3 
Temperature of the mixture =37 + 273 = 310 K 

Pressure of the mixture = 1 atm 

First calculate the total number of moles present in the mixture of gases by applying 
the general gas equation. 

Since PV =nRT 


or 


PV 

n — 

Putting values along with the units and simplifying 

- fttefe, ^ 

n = 


1 atm x 13 dm 3 


0.0821 dm 3 atm. K 1 mol 1 x 310 K 
So, the total nu mber of moles of H ; , He and CH, - 0.51 moles 


“ = 0.51 moles 








Mass of H s 

Number of moles of IT 
Mass of He 

Number of moles of He 
Number of moles of CH, 


Mole fraction of H , (X r[ ) 

, ~G. 

Mole fraction of He-yX, j( ,l 
Mole fraction of Cl F(.\ ■ . > 


0,8g 

mass of II 


0.8 g 


- 0.40 


n. liar mass 2.0 g my] 1 
= 0.12 t 

mass o f He __ 0.12 g 
molar mass 4 g mol 

; total moles - moles of H , - moles of He 
■ 0.51 * 0.396 - 0.03 
; 0.084 


- 0.03 


_ no. of moles of H . 

_ 0.40,- 

total number of moles 

0.51 

no. of moles of He 

0.03 

total number of moles 

0.51 

_ no. of moles of CH, 

_ 0.084 

total number of moles 

0.51 






( Being a ratio mole fraction has no units.) 
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Partial pressure of H ( p H ) = Xh 2 P 

= 0.776x1,00 = 0.776 atm 
= 0.776 x 760 = 589.76 torr 
Partial pressure of He ( p n j ^ X. p 

= f >.058 x 1.00 = 0.058 atm 
= O.058-X-760 — 44.08 ton 
Partial pressure of CH, ( p CH .) = X L p 

— 0:14)4 x 1.00 - 0.164 atm 


„ - 0.164x760 = {124.64 mm of Hg | Answer 

Hie sum of individual pressures i.e. 589.76. 44.08 and 124.64 is almost 760 mm ofHeie to- af 
pressure of the mixture. * "" - 

3.5.w Applications* of Dalton s Daw of Partial Pressures 

Following are the four important applications of Dalton's Law of partial pressures. 


1 . 






■Some gases are collected over water in the laboratory. The gas during collection 
grit ers watei vapours and becomes moist. The pressure exerted by this moist gas 
is, therefore, the sum of the partial pressures of the dry gas and that of water 

vapours. The partial pressure exerted by the water vapours is called aqueous 
tension. 

Pmniw ~ P*y T p w]Bp 

“ Pdn + aqueous tension 
P*i = - aqueous tension 

While solving the numericals the aqueous tension is subtracted from the total 
pressure (P^. 

Dalton's law finds its applications during the process of respiration. The process of 
respiration depends upon the difference in partial pressures. When animals inhale 
air then oxygen moves into lungs as the partial pressure of oxygen in the air is 159 
torr, while the partial pressure of oxygen in the lungs 116 torr. CO, produced during 

respiration moves out in the opposite direction, as it's partial pressure is more in the 
lungs than that mair. 

At higher altitudes, the pilots feel uncomfortable breathing because the partial 
pressure of oxygen m the un-pressurized cabin is low, as compared to 159 torr, where 
one fee’s comfortable breathing. 

Deep sea divers take oxygen mixed with an inert gas say He and adjust the partial 
measure of oxygen according to the requirement. Actually, in sea after every 100 
r . . , diver experiences approximately 3 atm pressure, so normal air 

b fctmu.ed in depth of sea. Moreover, the pressure of N, increases in depth 
oi sea and it dm uses in the blood. 
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ION ANI> EFFl SION 
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to°° 


According to the kinetic molecular theory of gases, the molecules of the gases move 
haphazardly. They collide among themselves, collide with the walls of the vessel and change 
their directions. In other words the molecules of gases are scattered after collisions. This 
spontaneous intermingling of molecules of one gas with another at a given temperature and 

pressure is called diffusion. 

The spreading of fragrance of a rose 
or a scent is due to diffusion. When two 
gases diffuse into each other, tfey wish to 
make their partial pressures same every 
where. Suppose NO,, a brown coloured gas 
and 0,, a colourless, gas, . ; e separated from 
each other by a partitionFig ( 3.8) When the 
partition is removed, both diffuse into each 
other due to collisions and random motion. 


W :: ;V 
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: 
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Fig (3.8) Diffusion 






A stage readies when both gases generate a homogeneous mixture and partial 
pressures of both are uniform throughout the mixture, 

illusion 

The effusion of a gas is it's movement through 
an extremely small opening into a region of low 
pressure. This spreading of molecules is not due to 
collisions, but due to their tendency to escape one by 
one. Actually; the molecules of a gas are habitual in 
colliding with the walls of the vessel. When a molecule 
approaches just in front of the opening it enters the 
other portion of the vessel. 



Fig (3.9) Escape of gas 
molecules through a hole is effusion. 


Thomas Graham (1805 - 1869), an English scientist, found that the rate of diffusion 
or effusion of a gas is inversely proportional to the square root of it’s density at constant 


, 


temperature and pressure. 

Rate of diffusion x 
Rate of diffusion — 


Vd 

_k_ 

JT 




o. < 2 ° 


(at constant temperat ure and pressure) 
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Rateof, 









ate of diffusions ^ — k 
or Rate x Vd = k 

The constant k is same for all gases, when they are all studied at the same 
temperature and pressure. 

Let us have two gases 1 and 2, having rates of diffusion as t 1 and r,. and densities as d, 
and d 2 respectively. 

According to Graham's law 


r t x Vdj =k 
r 2 x Vd, - k 


Divide the two equations and rearrange 

_£i_ _ "L (11) 

r i Vd; 

Since the density of a given gas is directly proportional to its molecular mass. 
Graham's law of diffusion can also be written as follows. 

o Y\0°^ _»oto0 0 '^ 

r 2 ^ ~fi(12) 

Where M, and M 2 are the molar masses of gases. 




Demonstration of t jrahani s i ,<\ v 

This law can also be very easily .verified in the laboratory by noting the rates of 
diffusion of two gases in a glass tube, when they are allowed to move from opposite ends Fig 
(3.10); Two cotton plugs soaked in HC1 and NH. t solutions are introduced in the open ends 
of lOO cm d ong tube simultaneously. HCt molecules travel a distance of 40.5 cm while NR. 
molecules cover 59.5 cm in the same duration. They produce dense white fumes of 
ammonium chloride at the point of junction. So 


Gr __ Vm iic 

r HCt VM, JHs 
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ExajjtojpO \ j 

250 cm of the sample of hydrogen effuses four times as rapidly as 250 cm 3 of an 
unknown gas, Calculate the molar mass of unknown gas. 


Solution 

Let the unknown gas is given the symbol X 
Rate of effusion of unknown gas (r 3 ) = l 

Rate of effusion of hydrogen gas (r H ) = 4 


Molar mass of LL gas (M,J 
Molar mass of unknown g^s (M j 


Taking square on both sides 



M 


= 2gmol‘ 



3.7 KINETIC MOLECULAR THEORY OF GASES 

The behaviour of gases has already been discussed in gas laws. These laws were 
based on experimental observations quite independent of nature of a gas. In order to 
illustrate the behaviour of gases quantitatively, Bernoulli (1738) put forward kinetic 
molecular theory of gases. This theory' lead Clausius (1857) to derive the kinetic equation 
,LiJ deduced ail the gas laws from it. I he theory was later on elaborated and extended by 
Maxwell, who gave the law of distribution of velocities. According to this law, molecules are 
in the form of groups having definite velocity ranges. Boltzmann also Contributed and 
studied the distribution of energies among the gas molecules . Among some other names Van 
dei Aaal is the prominent scientist in this field. Following arc the fundamental postulates of 
this kinetic theory of gases. 


1 . 

2 . 

3. 



5. 

6 . 


Every gas consists of a large number of very small particles called molecules. 
Gases like He, Ne, Ar have monoatomic molecules. 

The molecules of a gas move haphazardly colliding among themselves and 
wdth the walls of the container and change their directions. 

1 he pressui e exei ted by a gas is due to the collisions of its molecules with the 
walls of a container. The collisions among the molecules are perfectly elastic. 

The molecules of a gas are widely separated from one another and there are 
sufficient empty spaces among them. 

The mo lecufes of a gas have no forces of attraction for each other. 

The actual volume of molecules of a gas is negligible as compared to the volume of 
the gas. 



Gases 


7. The motion imparted to the molecules by gravity is negligible as compared to the 
effect of the continued collisions between them. 

.The average kinetic energy of the gas molecules varies, directly as the 

absolute temperature of the gas. 

Keeping in view the basic assumptions given above, RJ Clausius deduced an 
expression for the pressure of an ideal gas. Act ualtv, pressure on the walls of the vessel is due 
to collisions. Whenever the molecules move they collide among themselves and with the 
walls of the container. Due to these collisions,a force is exerted on the walls of the container. 
This force when divided by the area of the vessel gives force per unit area, which is called 
pressure. In this way, the final form of kinetic equation is as follows. 

* pv = ~ mN? (13) 

Where, P — pressure 

V = volume, 

m = mass of one molecule of the gas 
N = number of molecules of gas in the vessel 
c 1 = mean square velocity 

The idea of the mean square velocity is important . All the molecules of a gas under 
the given conditions don't have the same velocities. Rather different velocities are 
distributed among the molecules. To understand it study Maxwell's law of distribution of 
velocities. If there are n, molecules with velocity c t , n 2 molecules with velocity c.„ and so on 
then, . ^ , 

j c a + C 1+ C l + 

iij + n 2 + a, + (14) 

In this reference n, + n 3 + p , = n 

L is the average of the squares of all the possible velocities. When we take the 
square root of this c) then it is called root mean square velocity (C ms ). So, (C, rn J = J~tp~ 

The expression for the root mean square velocity deduced from the kinetic equation 
is written as follows. . 

r _,3rt 

c ~ 1 tt as) 

Where, - root mean square velocity 
M - molar mass of the gas 
T = temperature 

This equation (15) is a quantitative relationship between the absolute temperature 
and the velocities of the gas molecules. According to this equation, higher the temperature of 
a gas, greater the velocities. 


Kinetic equation can be used to explain gas laws. 
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Kinetic theory of gases gives birth to kinetic equation of gases, which can be 
employed to justify the gas laws. In other words, it proves that gas laws get their explanation 
from kinetic theory of gases 


According to one of the postulates of kinetic theory of gases, the kinetic energy is 
directly proportional Jo the absolute temperature of the gas. The kinetic energy of N 

molecules is ~ mNc 2 , 

2 


So 


~ mNc J qc T 
JmNc* = kT 

£t 


(16) 


Where k is the proportionality constant. According to the kinetic equation of gases 


^e ( 


vO^ S 


P\ ! 


-mNc 


Multiplying and dividing by 2 on right hand side 
PV=j (~mNc 2 ) 

Putting equation (16) into equation (17). 



jc® 


0V 9 


(17) 



(18) 


If the temperature (T) is constant then right hand side of equation (18) --kT is 
con stant. Let that constant be k’. 3 

S°i PV = k 1 (which is Boyle's law) 

Hence at constant temperature and number of moles, the product PV is a constant 
quantity. 
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At constant pressure, — 


Therefore, 


or 





Vvogadrn > Lav 

Consider two gases 1 and 2 at the same pressure P and having the same volume V 
Their number of molecules are N, and N 2 , masses of molecules are ng and rn_, and mean 
square velocities are c," and c, f respectively. Their kinetic equations can be written as 
follows: 

PV= — -mjNjC^ for gas (T) 


Equalizing 


PV = miTc/ for gas (2) 

— mjNjC, 2 =J- mwNncy 






3 3 ' “ 

Hence - * hjjNa* (19) 

When the temperature of both gases is the same, their mean kinetic energies per 
molecule will also be same, so 


Tmfi = — 


j_ - 
2 


or 


— 2 

m^c s 


( 20 ) 


Divide equation (19) by (20) 

N, - N z 

Hence equal volumes of all the gases at the same temperature and pressure contain 
equal number of molecules, which is Avogadro's law. 


1) .r, tan s J, v * hti sit 1 

Applying the kinetic equation 

>x>°°T PV = ~mNc J 


(13) 






c.\% . 3 

If we take one mole of a gas having Avogadro's number of molecules (N= Nj then 
the equation (13) can be written as: 
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or PV =-^Mc 2 (M= iqNJ 


where M is the molecular mass of the gas 
3PV 

or c 2 
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( 21 ) 


M 


Taking square root 

& =]f 


3PV_ 

M 


vj jm 

c =VM/V - \ d 


(f-) 

' t ~v 4 - j-^u . v ‘he root mean square 

velocity of the gas is proportional to the rate of diffusion of the gas. 


M/V = y d \ V 
V is the molar volume of gas at given conditions. Since the root 


^T: 







»Y> 


v JW 1 

At constant pressure d 

ri~ 

r oc v — 

Y d 

which is Graham’s law of diffusion 

3.8 KINETIC INTERPRETATION OF TEMPERATURE 

r.wlMrn[t C Th rdlIlg kmetic T IeCUJar the0ry of gases the moI ^ules of a gas move 

dlectas Thr I - am °" g “I™ 861 '' 68 ' With the walls of the vess ' ls a " d change their 
directions. The collisions are elastic and the pressure of the gas is the result of these 

collisions with the walls of the container. 

Let us rewrite the kinetic equation of gases (13) as already mentioned 


PV=y mN? (is) 

Here m is the mass^of one molecule of tire gas, N is the number of 
molecules in the vessel and c : is their mean square velocity. The average kinetic 
energy associated with' one molecule of a gas due to. its translational motion is 
given by the following equation. ^ 

E k =ymc' (gg) 

Remember that E k is the average translational kinetic energy of gas molecules. 


S-V 


& 
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Equation (13) can be rewritten as: 

PV= J N(y m?) 
Putting equation (22) into (23) 


C<Q& 


too 




So 


PV = 


NE„ 


(23) 


(24) 


Equation (24) gives an important insight into the meaning of temperature. To 
understand it, consider one moie of a gas. 


So 


N = N a 
PV = 


TN A E k 



According to the general gas equation for 1 mole of a gas 

PV = RT 

Comparing equation (4) and (25) 

©c 2 

— N A E k = RT 
3 


(25) 


(4) 


pV)0° 

(26) 





R = 


_ 3R 


■■»*>***«< 


2N, 


(27) 


The equation (27) gives a new definition of temperature according to which the 
kelvin temperature of a gas is directly proportional to the average translational kinetic 
energy of its molecules. This suggests that a change in temperature means change in the 
intensity of molecular motion. When heat flows from one body to another, the molecules in 
the hotter body give up some of their kinetic energy through collisions to moleculesjn the 
colder body. This process of flow of heat continues until the average translational kinetic 
energies of all the molecules become equal. This equalises the temperature of both bodies. " 

In gases and liquids, temperature is the measure of average translational kinetic 
energies of molecules. In solids, where molecules cannot move freely temperature becomes 
a measure of vibrational kinetic energy. 

Keeping in view this kinetic interpretation of temperature, we have a way of looking 
at absolute zero of t emperature. It is that temperature at which the molecular motions cease. 
The absolute zero is unattainable. Anyhow, current attempts have resulted in temperature 
as low as 10 K. 





LIQUEFACTION OF GASES 
3.9. 1 General Principle of Liquefaction 

The conversion of a gas into a liquid requires high pressure and low temperature. 
High pressure brings the molecules of a gas close to each other. Low tempc deprives 
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the molecules from ki netie energy and attractive forces start dominating. 

For every gas there exists a temperature above which the gas cannot be liquefied, no 
matter how much pressure is applied. The highest temperature at which a substance can 
exist as a liquid, is called its critical temperature. (T, S. There is a corresponding pressure 
which is required to bring about liquefaction at this critical temperature (T c ). This is called 
critical pressure CP, ). 

The critical temperature and the critical pressure of the substances are 
very important for the workers dealing with the gases. These properties provide us 
the information about the condition under which gases liquefy. For example, O a 
has a critical temperature 154.4 K (-118.75 °C). It must be cooled below this 
temperature before it can be liquefied by applying high pressure. Ammonia is a 
polar gas. Its critical temperature is 405.GK (132,44 °C), so it can be liquefied by 
applying suffic ient pres sure close to room temperature. 

Table (3.2) shows the critical parameters of some common substances. Non- polar 
gases of low polarizability like Ar have a very low critical temperature. The substances like 
H,0 vapours and NFL gas are among the polar gases and they have better tendencies to be 
liquefied CO, can not be liquefied above 31.1 °C, no matter how much the pressure is applied. 
Anyhow, if temperature of CO, is maintained below 31. l n C, then lower pressure than critical 
pressure is required to liquefy it. 1 he value of the critical temperature of a gas depends upon 
its size, shape and intermolecular forces present in it. 

When a gas is measured at its critical temperature and critical pressure, then at that 
stage volume of 1 mole of gas is called critical volume which is represented by V t . The critical 

volume of Ofis 74.42 cnT mol 1 , of CO, is 95.65 cm 3 mol 1 and that of H, is 64.51 cm 3 mol ’. 

Table (3.2) Critical Temperatures and Critical Pressures 


of Some Substances 


Substance 

Critical Temperature T c (K) 

Critical Pressure P c (atm) 

Water vapours, H,0 

647.6 (374.44 X) 

217.0 

.Ammonia, NH, 

405.6 (132.44 °C) 

111.5 

Freon-12, CCLF, 

384.7 ((111.54 °C) 

39.6 

Carbon dioxide, COj 

304.3 ( 31.142 °C) 

73.0 

Oxygen, 0 4 V,.' ' 

154.4 (-118.75 °C) 

49.7 

Argorf*£frv 

150.9 (-122.26 °C) 

48 

Nitrogen, -R 

126.1 (-147.06 °C) 

33.5 


3.9.2 Methods of Liquefaction of Gases 

There are various methods to liquefy a gas . One of them is Linde’s method. It 
is based on Joule-Thomson effect. 

Joule Thomson Effect 


Low temperature can be achieved by Joule-Thomson effect, according to which 

when a compressed gas is fallowed to expand into a region of low pressure it gets cooled. 
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The molecules of the compressed gas are very close to each other and appreciable 
attractive forces are present among them. When a gas is allowed to undergo sudden 
expansion through the nozzle of a jet, then the molecules move apart. In this way energy is 
needed to overcome the intermolecular attractions. This energy is taken from the gas itself, 
which is cooled. 


Linde's Method of Liquefaction of Gases 


Linde has employed JouIcH homson effect as the basis for liquefaction. The apparatus 
designed for this purpose is shown in the Fig (3.11). 


For the liquefaction of air, it is compressed 
to about 200 atmospheres, and then passed though a 
water cooled pipe where the heat of compression is 
removed. It is then allowed to pass through a spiral g 
pipe having a jet at the end. When the air comes out ^ 
of the jet the expansion takes place from 200 atm. to 5 
1 atm. In this way considerable fall of temperature 
occurs. This cooled air goes up and cools the 
incoming compressed air. It returns to the 
compression pump. This process is repeated again 
and again. The liquid air is collected at the bottom of 



Fig (3.11) Linde's method for 
the liquefaction of air 


the expansion chamber. All gases except H a and He can be liquefied by the above procedure. 


3.10 NON-IDEAL BEHAVIOUR OF GASES 

Whenever, we discuss gas laws it is proposed that ideal gases obey them. Particularly 
an ideal gas obeys Boyle's law, Charles’s law and the general gas equation under all conditions 
of temperature and pressure. Let us try to understand the behaviour of a few real gases like 
H 2 , He, Nj and CO, at °C keeping in view the variation of the pressure on the gas and 
consequently the change in its volume. For this purpose, first of ail plot a graph between 
pressure on x-axis and the -jg, on Y-axis for an ideal gas. The factor _EV is ^ 


compressibility factor. Its value is unity under all 
conditions for an ideal gas. Since the increase of 
pressure decreases the volume in such a way 
that-l^remains constant at a constant 
temperature, so a straight line is obtained 
parallel to the pressure axis. This is shown in the 
Figs (3.12 a, b). All the real gases have been 
found to show marked deviations from this 
behaviour. It is observed that the graph for helium 
gas goes along with the expected horizontal 
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3.10. 1 Causes for Deviations from Ideality 

idea, «- of real p*. from 

Tie_se postulates are as under. 1 U klnetlc m °lecular theory of gases. 

% The^v° t f0rCeS f 0fattra , Ct,On am0ngthe ^lecules of a gas. 

When the prepare m m ° leCuI ^. Isne ^ le as compared to the volume of the vessel 
forces among the molecules become siS^ » '«w then the attractive 
not h„ H . Actually, under the“ t "’ " 828 “ PV = " ^ 
the gas does not remain ideal. 

The act ual volume of the molecules 
of a gas ls usually very small as compared to 
fhe volume of the vessel and hence it can be 
neglected. This volume, however, does not 
remain negligible when the gas is subjected 
to high pressure. This can be understood 
rrom the following Figs (3 ,13 a, b). 



Volume of 
the molecules 
of a gas in 
gaseous state 


>°j 


xJ 

r 



_ng(3.13i.ai A gas at low Bg(3.13.bJ A gas at high 
pressure when actual volume pressure when actual volume 
is negligible, is not negligible 
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3.10.2 van der Waals Equation for Real Gases 

Keeping in view the above discussion, van der Waals-P omte d out that both pressure 
and volume factors in ideal gas equation needed correction in order to make it applicable to 
the real gases. 

Volume Correction 

When a gas is compressed, the molecules are pushed so close together that the 
repulsive forces operate between them. When pressure is increased further it is opposed by 
the molecules themselves. Actually, the molecules have definite volume, no doubt very 
small as compared to the vessel, but it is not negligible. So van der Waals postulated that the 
actual volume of molecules can no longer be neglected in a highly compressed gas. If the 
effective volume of the molecules per mole of a gas is represented by b, then the volume 
available to gas molecules is the volume of the vessel minus the volume of gas molecules. 

= V_, - b (28) 

Vfc* is that volume which is available to gas molecules. The factor b is termed as the 
excluded vulume which is constant and characteristic of a gas. It's value depends upon the 
size of gas molecules. Table (3.3) shows the b values for some important gases. It is 
interesting to know that the excluded volume b is not equal to the actual volume of gas 
molecules. In fact, it is four times the actual volume of molecules. 

b — 4 V m 

Where V ra is the actual volume of one mole of gas molecules, b' is effective volume 
or excluded volume of one mole of a gas. It is that volume of gas which is occupied by 1 mole 
of gas molecules in highly compressed state, but not in the liquid state. 

Pressure Correction 

A molecule in the interior of a gas is attracted by other molecules on all sides, so 
these attractive forces are cancelled out. However, when a molecule strikes the wall of a 
container, it experiences a force of attraction towards the other molecules in the gas. This 
decreases the force of its impact on the wall. Consider the molecule "A" which is unable to 
create pressure on the wall due to the presence of attractive forces due to ’B' type molecules 
Fig (3.14). Let the observed pressure on the wall of the container is E This pressure is less 
than the actual pressure P, by an amount P 1 , so 

P = P, - P' 

P, is the true kinetic pressure, if the forces of attractions would have been absent. P 1 
is the amount of pressure lessened due to attractive forces. Ideal pressure P is 

P, = P + P' 

It is suggested that a part of the pressure P for one mole of a gas used up against 
intermolecular attractions should decrease as volume increases. Consequently, the value of 
P' in terms of a constant ’a* which accounts for the attractive forces and the volume V of 
vessel can be written as 
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P = 


a 

V s 






istryjfr^ 


P is determined by the forces of attraction between molecules of type A, which are 
striking the wall of the container and molecules of type B, which are pulling them inward. The 
net force of attraction is proportional to the concentrations of A type and B type molecules 

P'*C,.C B 

Let n is the number of moles of A and B separately and total volume of 

both types of molecules is ‘V 1 . The n/V is moles dm * of A and B separately 

D 1 x n n 

V ‘ V 
n J 

w ~y 


F 

F 


p , _ M. 

p - y 


V 

('a 1 is a constant of proportionality) 
If, n= 1 (one mole of gas) 

Xj 

then 


(29) 


#5 




VftUyytyof A 


AO*'., 

^ 6 


P ~ Y \^i 

Greater the attractive forces among the gas molecules, smaller the volume of 

vessel, greater the value of lessened w otv«sssi 

pressure R pnwwdpuiiimA / 

This 'a' is called co-efficient of 
attraction or attraction per unit volume. It 
has a constant value for a particular real 
gas. Thus effective kinetic pressure of a 
gas is given by P :r which is the pressure if 

the gas would have been ideal. Fig (3.14) Forces of attraction 

P, = P + — _ (30) and pressure correction 

V 

Once the corrections for pressure and volume are made, the kinetic equation 

for one mole of a gas can be constructed by taking pressure as (P +-^) and volume as (V - b) 
foronemoleofagas. V 

(P ><V - b) - RT (31) 



(31) 

^ ,>O0V 


For 'n 1 moles of a gas 

(P + ^)(V -nb) = nRT (32) 

This is called van der Waal's equation, 'a' and V are called van der Waal's constants 

Units ofV. 


Since , P 1 =; — 



or 


or 


So, 


a = atm dm 6 mol 2 

In S.I. units, pressure is in Nm' z and volume in m 

_ Nm~ a x (m ; ¥ 
a ~ (mol ) 3 


a = Nm‘mol 2 

Units of 'b': b' is excluded or incompressible volume / mol 1 of gas. Hence its units 
should be dm 3 mol 1 or m J mol' 1 

The values of 'a' and ’b’ can be determined by knowing the values of P, V and T of a 
gaseous system under two different conditions. Following Table (3,3) gives the values of 'a' 
and t>' for some common gases. _ 




e'o 0 ' 


Gas 

a F (atm dm* niol L ) : 

■b’Cdm 3 mol' 1 ) 

Hydrogen 

Oxygen 

Nitrogen 

Carbon dioxide 

Ammonia 

Sulphur dioxide 

Chlorine 

0.245 

1.360 

1.390 

3.590 

4.170 

6.170 
6.493 

0.0266 

0.0318 

0.0391 

0.0428 

0.0371 

0.0564 

6-6562 




The presence of intermolecular forces in gases like Cl 2 and SO, increases their ’a’ 
factor. The least value of ’a 1 for H 2 is due to its small size and non-polar character. The IV 
value of II 2 is 0.0266 dm 3 mol 1 . It means that if 2.016g (lmole) of H, is taken, then it will 
occupy 0.0266 dm 3 or 266cm 3 of volume at closest approach in the gaseous state. 


Example 8 

One mole of methane gas is maintained at 300 K. Its volume is 250 cm 3 . Calculate the 
pressure exerted by the gas under the following conditions. 

(i) when the gas is ideal 

(ii) when the gas is non-ideal^ 
a = 2.253 atm dm e mol; 2 b = 0.0428 dm 3 mol 1 . 

' Solution ' 


(i) When the gas is ideal, general gas equation is applied i.e., 
PV = nRT 

V = 250 cm 3 = 0.25 dm 3 1 dm 3 = 1000 cm 3 
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n = 1 mole 
T = 300K 




R = 0.0821 dm* atm K'mor 1 . 

nRT 
P = — - 


^0^ 


to 0 ' 








Putting the values alongwi th units 

p _ 1 mol x 0.0821 dm 3 atm K' 1 mol" 1 x 300 K 

D nr- , , , 0.25 drr^ 

‘ = 1_j8. 5atm| /(Answer) 

would have” bee^exeTted^ ^ ^ *”>• pressure 

wL eq^t ion 1 ”' *“ " behaTmS “ n ° n - idea1 ' W shoM ™= U.e van der 


<e?> 0 vs 

By r earranging the equation and taking the pressure on L.H.S. 


•9 




or 


p + jia 

V 

p _= nRT 


nRT 
V-nb 
n 2 a 


V - nb V 2 


“ ngthe S; ;^rd&C emits,orsakeofsimplicity ) 

V-0.25.ta’, T = 300 K, a = 2.253 dm' atm mol-, b = 0.0428 dm’ mol’ 

p = l l 0-0821x300 _ 1 x 2.253 24.03 2.253 

0.25 - 1(0.0428) (0.25) 2 0.207 " 00625 

~ 118.985-36.048 = 82.85 atm. 

Conclusion: 

>s thought tobewSmar^ata 'tat press “f“t ahows that thiS gaS ‘ S non ' 1<ieal - Actually CH, 
This difference of ideal and non ’idea (ore” 10 ° alraospheres > il develops non-ideal attitude, 
low pressures. ^ Pressure « oes °" decreaai "S when gas is considered at 
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3.1^J$ASMASTATE 3 \*>' 

What is plasma? '• - ' ' 

Plasma is often called the "fourth state of matter", the other three beimr « n HH lin„in 
md gas . Plasma was identified by the English scientist William Crookes in 1879. In addition 
to beuig important m many aspects of our daily life, plasmas are estimated to constitute 

TrtT^ 

\ L “ ere are many man-made examples. Inventors have used plasma to conduct 
electriaty m neon S1 gns and fluorescent bulbs. Scientists have LstrLZZec^ 
chambers to experiment with plasma in laboratories. It occurs only in lightning ^chSes 
^v^nmait 3 devices ilke fluorescent lights, neon signs, etc. It is everj-^hereln^m^^pace 

How is Plasma formed ? 

Uhen more heat is supplied,' the atoms or molecules 
may be ionized. An electron may gain enough energy to escape 
its atom. 1 his atom loses one electron and develops a net 
positive charge. It becomes an ion. In a sufficiently heated gas, 
ionization happens many times, creating clouds of free 
electrons and ions. However, all the atoms are not necessarily 
ionized, and some of them may remain completely intact with 
no net charge. This ionized gas mixture, consisting of ions 
electrons and neutral atoms is called plasma. 

It means that a plasma is a distinct state of matter 
containing a significant number of electrically charged 

particles a number sufficient to affect its electrical properties 
and behaviour. 


£3 


j -j 

rib 


Diatomic molecules 
(25°C) 


3 




Atomic hydrogen 
2000’ C 

^ 3 


Ioiib' P electrons 
(plasma) UKXCHXPC 


Natural and Artificial Plasma 

=§ 

Natural plasma exists only at very high temperatures, or low temperature vacuums. 
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Natural plasma on the other hand do not breakdown or react rapidly, but is extremely hot 
(over 20,000° C minimum). Their energy is so high that they vaporize any material they 
touch. 

Characteristic of Plasma: 

1. A plasma must have sufficient number of charged particles so as a whole, it exhibi ts a 
collective response to electric and magnetic fields. The motion of the particles in the 
plasma generate fields and electric currents from within plasma density. It refers to the 
density of the charged particles. This complex set of interactions makes plasma a unique, 
fascinating, and complex state of matter. 

2. Although plasma includes electrons and ions and conducts electricity, it is 
macroscopically neutral. In measurable quantities the number of electrons and ions are 
equal. 

Where is Plasma found? 

Entire universe is almost of plasma. It existed before any other forms of matter came 
into being. Plasmas are found in everything from the sun to quarks, the smallest particles in 
the universe. 

As stated earlier plasma is the most abundant form of matter in the universe. It is the 
stuff of stars. A majority of the matter in inner-stellar space is plasma. All the stars that shine 
are all plasma. The sun is a 1.5 million kilometer ball of plasma, heated by nuclear fusion. 

On earth it only occurs in a few limited places, like lightning bolts, flames, auroras, 
and fluorescent lights. When an electric current is passed through neon gas, it produces both 
plasma and light. 

Applications of Plasma: > 

Plasma has numerous important technological applications. It is present in many 
devices. It helps us to understand much of the universe around us. Because plasmas are 
conductive respond to electric and magnetic fields and can be efficient sources of radiation, 
so they can be used in innumerable applications where such control is needed or when 
special sources of energy or radiation are required. 

(i) A fluorescent light bulb is not like regular light bulbs. Inside the long tube is a gas. 
When the light is turned on, electricity flows through the tube. This electricity acts 
as that special energy and charges up the gas. This charging and exciting of the 
atoms creates a glowing plasma inside the bulb. 

(ii) Neon signs are glass tubes filled with gas. When they are turned on then the 
electricity flows through the tube. The electricity charges the gas, possibly neon, 
and creates a plasma inside the tube. The plasma glows with a special colour 
depending on what kind of gas is inside. 

(iii) They find applications such as plasma processing of semiconductors, sterilization of 
some medical products, lamps, lasers, diamond coated films, high power microwave 
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sources and pulsed power switches. 

(iv) They also provide the foundation lor important potential applications such as the 
generation of electrical energy from fusion pollution control and removal of 
hazardous chemicals. 

Plasma light up oui offices and homes, make our computers and electronic 
equipment work. 

(\i) 1 hey drive laseis and particle accelerators, help to clean up the environment, 

pasteurize foods and make tools corrosion-resistant. 

Future Horizons: 

Scientists arc working on putting plasma to effective use. Plasma would have to be 
low energy and should be able to survive without instantly reacting and degenerating. The 
application of magnetic fields involves the use of plasma. The magnetic fields create low 
energy plasma which create molecules that are in what scientist call a metastable state. The 

magnetic fields used to create the low temperature.plasina give the plasma molecules, which 
do not react until they collide with another molecule with just the right energy. This enables 
these metastable molecules to survive long enough to react with a designated molecule. 

These metastable particles are selective in their reactivity. It makes them a 
potentially unique solution to problems like radioactive contamination. 

Scientist are currently experimenting with mixtures of gases to work as metastable 
agents on plutonium and uranium, and this is just the beginning. 


KE Y POINTS 


1 he behaviour of a gas is described through four variables i.e., pressure, volume, 

temperature and its number of moles. The relationships between gas variables are 
known as the simple gas laws. Boyle’s law relates pressure of a gas with its volume, 
while Charles's law relates gas volume with temperature. Avogadro's law is 
concerned with volume and amount of a gas. The important concept of absolute zero 
of temperature originates from the simple gas laws. 

By combining the above mentioned three laws, a more general equation about the 
behaviour of gas is obtained i.e., PV - n RT. This equation can be solved for anv one 
of the variables when values for others are known. This equation can be modified for 
the detei mi nation of molar masses and the density of the gas. 

Dalton's law of partial pressures can be used to calculate the partial pressures of 
gases. 

The processes of diffusion and effusion are best understood by Graham’s law of 
diffusion. 

Kinetic molecular theory of gases provides a theoretical basis for various gas laws. 
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6 . 


7. 

8 . 


9. 


Ql: 

(i) 


(ii) 


(iii) 


(iv) 


tv) 


With the help of this theory a relationship is established between average molecular 
kinetic energy and kelvin temperature. The diffusion and effusion of the gases can be 
related to their molar masses through the kinetic molecular theory of gases. 

The real gases show ideal behaviour under specific conditions. They become non- 
ideal at high pressure and low temperature. The non-ideal behaviour results chiefly 
from intermolecular attractions and the finite volume occupied by the gas 
molecules. 

Gases can be liquified by applying sufficient pressure but temperature should either 
be critical one or below it. 

To calculate the pressure or volume of a real gas under the non-ideal conditions, 
alternative kinetic equation has been developed. This is known as the van der Waal’s 
equation. 

The plasma, a forth state of matter, consist of neutral particles, positive ions and 
negative electrons, 99% of the known universe is in the plasma state. 


EXERCISE 

Select the correct answer out of the following alternative suggestions. 



Pressure remaining constant, at which temperature the volume of a gas will 

become twice of what it is at 0°C. 

a. 546°C b. 200°C c. 546K d.273K 

Number of molecules in one dm'’ of water is dose to 


6.02 

22.4 


x 10 


» km xur 

22.4 


C. 


18 

22.4 


xltf 3 d. 55.6 x 6.02 x 10 s ’ 


Which of the following will have the same number of molecules at STP? 

a. 280 cm 1 of CO, and 280 cm 3 of N,0 

b. 11.2 dm 3 of 0, and 32 g of 0 2 

c. 44g of C O, and 11.2 dm 3 of CO 

d. 28g of N £ and 5.6 dm J of oxygen 
If absolute temperature of a gas is doubled and the pressure is reduced to 
one half, the volume of the gas will 

a. remain unchanged b. increase four times 

c. reduce to 1/4 d. be doubled 

How should the conditions be changed to prevent the volume of a given gas from 
expanding when its mass is increased? 

a. Temperature is lowered and pressure is increased. 

b. Temperature is increased and pressure is lowered. 

c. Temperature and pressure both are lowered. 

d. Temperature and pressure both are increased. 
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(vi) The molar volume of CO, is maximum at 

a. STP b. 127°Candlatm c. 0°Cand2atm d. 273°Cand2atm 

(vii) The order of the rate of diffusion of gases NH„ S0 a , CLanCO, is: 

a. NHj > SO, > Clj, > CO a b. NH 3 > C0 2 > S0 2 > Cl, 

c. C1 2 >S0 2 >C0,>NH 3 d. NH 3 > C0 2 > Cl, >S0 2 

(viii) Equal masses of methane and oxygen are mixed in an empty container at 25°C. The 

fraction of total pressure exerted by oxygen is 


a. 


1 


»■! 


1 

C * 9 


d. 


17 


(ix) 


(x) 

(xi) 


Q2: 


Gases deviate form ideal behaviour at high pressure. Which of the following is 
correct for non -ideality? 

a. At high press lire, the gas molecules move in one direction only. 

b. At high pressure, the collisions between the gas molecules are 
increased manifold. 

c. At high pressure, the volume of the gas becomes insignificant. 

d. At high pressure, the interm olecular attractions become significant. 

The deviation of a gas from ideal behaviour is maximum at 
a. -10 n C and 5.0a tm b. -10°Cand2.0atm 

c. 100°Cand2.0atm d. 0°Cand2.0atm 

A real gas obeying van derWaals equation will resemble ideal gas if 
a. both 'a' and fare large b. both 'a' and V are small 

c. 'a' is small and ’b' is large d. 'a’ is large and 'b' is small 

Fill in the blanks 

i. The product PV has the S J. unit of 

ii. Eight grams each of (X and H, at 27 °C will have total K.E in the ratio of 




ill* 


IV. 


V. 


Q3: 


Smell of the cooking gas during leakage from a gas cylinder is due to the 
property of. of gases. 

Equal of ideal gases at the same temperature and 

pressure contain number of molecu les. 

The temperature above which a substance exists only as a gas is called 

_—r - - 

Q3: Label the following sentences as True or, False. ~WE>*Y 


higher pressure at the bottom 


i. Kinetic energy of molecules of a gas is zero at 0°C. 

ii. A gas in a closed container will exert much high 
due to gravity than at the top. 

Real gases show ideal gas behaviour at low pressure and high 
temperature. 

Liquefaction of gases involves decrease in intermolecular spaces. 

An ideal gas on expansion will showJoule-Thomson effect 


in. 


IV. 

v. 
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Q4. 




(a) What is Boyle's law of gases? Give its experimental verification. 

(b) What are isotherms? What happens to the positions of isotherms when they 
are plotted at high temperature for a particular gas. 

(c) Why do we get a straight line when pressures exerted on a gas are plotted 
against inverse of volumes? This straight line changes its position in the 
graph by varying the temperature. Justify it. 

(d) How will you explain that the value of the constant k in the equation 
PV = k depends upon 

(i) the temperature of a gas (ii) the quantity of a gas 

Q5. (a) What is the Charles's law? Which scale of temperature is used to verify that 

V/T — k (pressure and number of moles are constant)? 

(b) A sample of carbon monoxide gas occupies 150.0 mL at 25.0°C. It is then 

cooled at constant pressure until it occupies 100.0 mL. What is the new 
temperature? (Ans: 198.8Kor-74.4°C) 

(c) Do you think that the volume of any quantity of a gas becomes zero at - 
273.16 X. Is it not against the law of conservation of mass? How do you 
deduce the idea of absolute zero from this information? 

Q6. (a) What is Kelvin scale of temperature? Plot a graph for one mole of an a real 

gas to prove that a gas becomes liquid, earlier than -273.16 °C. 

(b) Throw some light on the factor 1/273 in Charles's law. 

(a) What is the general gas equation? Derive it in various forms. 

(b) Can we determine the molecular mass of an unknown gas if we know the 
pressure, temperature and volume along with the mass of that gas. 

(c) IIow do you justify from general gas equation that increase in temperature 
or decrease of pressure decreases the density of the gas? 

(d) Why do we feel comfortable in expressing the densities of gases in the 
units of g dm : rather than g em' j a unit which is used to express the densities 
of liquids and solids. 

Derive the units for gas constant R in general gas equation: 


Q7. 


Q8. 


(a) when the pressure is in atmosphere and volume in dm\ 

(b) when the pressure is in N m * and volume in nT. 

(c) when energy is expressed in ergs. 

(a) What is Avogadro’s law of gases ? 

(b) Do you think that 1 mole of H, and 1 mole of NH 3 at 0 X and 1 atm- 
pressure will have Avogadro's number of particles? 

( c) Justify that 1 cm 1 of H, and 1 cm 1 of CH, at STP will have same number of 
molecules, when one molecule of CII 4 is 8 times heavier than that of 
hydrogen. 

QlO (a) Dalton's law of partial pressures is only obeyed by those gases which 
don't have attractive forces among their molecules. Explain it. 


Q9. 
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Qll 


Q12 


Q13 


Q14 

Q15 


(b) Derive an equation to find out the partial pressure of a gas knowing the 
individual moles of component gases and the total pressure of the mixture. 

(c) Explain that the process of respiration obeys the Dalton's law of 
partial pressures. 

(d) I low do you differentiate between diffusion and effusion? Explain Graham's 
law of diffusion. 

(a) What is critical temperature of a gas? What is its importance for liquefaction 
of gases? Discuss Linde's method of liquefaction of gases. 

(b) What is Joule-Thomson effect? Explain its importance in Linde's method of 
liquefaction of gases. 

(a) What is kinetic molecular theory of gases? Give its postulates. 

(b) How does kinetic molecular theory of gases explain the following gas laws: 

(i) Boyle's law (ii) Charles's law 

(iii) Avogadro'slaw Civ) Graham's law of diffusion 

(a) Gases show non-ideal behaviour at low temperature and high pressure. 
Explain this with the help of a graph. 

(b) Do you think that some of the postulates of kinetic molecular theory of gases 
are faulty? Point out these postulates. 

(c) Hydrogen and helium are ideal at room temperature, but SCL and CL are non- 
ideal. How will you explain this? 

(a) Derive van der Waal's equation for real gases. 

(b) What is the physical significance of van derWaals constants, 'a' and ’b 1 ? Give 
their units. 

Explain the following facts 

(i) The plot of PV versus P is a straight 1 i ne at constant temperature and with a 
fixed number of moles of an ideal gas. 

(ii) The straight line in (a) is parallel to pressure-axis and goes away from the 
Dressure axis at higher pressu res for many gases. 

(iii) Pressure of NH gas at given conditions (say 20 atm pressure and room 
temperature) is less as calculated b\ van der Waals equation than that 
calculated by general gas equation. 

Civ) Water vapours do not behave ideally at 273K. 

(v) SO , is comparatively non-ideal at 273Kbut behaves idealy at 327 "C. 


Q16 Helium gas in a 100 cnT container at a pressure of 500 torr is transferred to a 
container with a volume of 250 cm 3 . What will be the new pressure 

(a) if no change in temperature occurs ( Ans: 200 torr) 

(b) if its temperature changes from 20 "C to I5°C? ( Ans: 196.56 torr) 

Q1 ‘ ( a ) What are the densities in kg/dm' 3 of the following gases at STP 

(P = 10 1325 Nnv , T = 273 K, molecular masses are in kg mol' 1 ) 

(i) methane, (ii) oxygen, (iii) hydrogen 
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(b) Compare the values of densities in proportion to their mole masses. 

(c) How do you justify that increase of volume upto 100 dm :i at 27°C of 2 
moles ofNH, will allow the gas behave ideally, as compared to S.T.R conditions. 

(Ans: CH,= 0.714kgm 1.42Skgrn ^L - 0.089kgnv') 

Q18 A sample of krypton with a volume of 6.25 dm 1 , a pressure of 765 torr and a 
temperature of 20 “C is expanded to a volume of 9.55 dm’ and a pressure of 375 torr. 
Whatwill be its final temperature in “C? (Ans:T - -53.6°C) 

Q19 Working at a vacuum line, a chemist isolated a gas in a weighing bulb with a volume of 

255 cm J , at a temperature of 25 "C and under a pressure in the bulb of 10.0 torr. The 
gas weighed 12.1 mg. What is the molecular mass of this gas? (Ans: 87.93g mol' 1 ) 

Q20 What pressure is exerted by a mixture of 2.00g of H 2 and 8.00 g of N. at 273 K in a 10 
dm 3 vessel? {Ans: P = 2.88 atm) 

Q21 (a) The relative densities of two gases A and B are 1:1.5. Find out the 

volume of B which will diffuse in the same time in which 150 dm J of A will 
diffuse? (Ans: 122.47dm 3 ) 

(b) Hydrogen (H,) diffuses through a porous plate at a rate of 500 cm 1 per minute 

at 0 ,J C. What is the rate of diffusion of oxygen through the same porous plate 
at0 u C? (Ans: 125 cm 3 ) 

(c) The rate of effusion of an unknown gas A through a pinhole is found to be 0.279 

times the rate of effusion of H, gas through tire same pinhole. Calculate the 
molecular mass of the unknown gas at STB (Ans: - 25.7 gmol 1 ) 

Q22 Calculate the number of molecules and the number of atoms in the given amounts of 

each gas 

(a) 20 an J of CH,. at 0 °C and pressure of 700 mm of mercury 7 (Ans: 4.936 xl(f 24.7 x ltf° 

(b) 1 cm 3 of NH 3 at 1 00 °C and pressure of 1.5 atm (Ans:2.94xl0 19 , 1.177x10?®) 

Q23 Calculate the masses of 1 (f° molecules of each of H ; „ 0 2 and C0 2 at STP What will 

happen to tne masses of these gases, when the temperature of these gases are 
increased by 100 °C and the pressure is decreased by 100 torr . 

(Ans: 3.3 x 10’ 4 g; 5.31 x 10% 7.30 x 10% 
Q24 (a) Two moles of NH 3 are enclosed in a 5 dm 3 flask at 27 U C. Calculate the 

pressure exerted by the gas assuming that 

(i) it behaves like an ideal gas 

(ii) it behaves like a real gas 
a - 4.17 atm dm 6 mol' 2 

b = 0.0371 dm 3 mol' 1 (Ans: 9.85 atm) 

(b) Also calculate the amount of pressure lessened due to forces of 
attractions at these conditions of volume and temperature. (Ans: 0.51atm) 

(c) Do you expect the same decrease in the pressure of two moles of NH, having 
a volume of 40 dm 3 and at temperature of 27 °C. 
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LIQUIDS AND SOLIDS 




INTRODUCTION 

The existence of matter in our surrounding in the form of gases, liquids and solids is 
due to difference of interacting forces among the constituent particles 

4. 1 INTERMOLECULAR FORCES 

To understand the pioperties of liquids and solids, we need to know the kinds of 
intermolecular forces present in them and their relative strength. It is important to realize 
that the attraction between the molecules is much weaker than the attraction between 
atoms within a molecule. In a molecule of HC1, there is a covalent bond between H and Cl 
which is due to the mutual sharing of electrons. Both atoms satisfy their outermost shells 
and it is their firm need to remain together, hence this linkage is very strong. 

HC1 molecules in the neighbourhood attract each' other, but the forces of attraction 
are weak. These forces are believed to exist between all kinds of atoms and molecules when 

W ~ V ^ ^ ose cac!l other. Such intermolecular forces are called van der Waals 

torces and they have nothing to do with the valence electrons. 

• These intei molecular forces bring the molecules dose together and give particular 
physical properties to the substances in gaseous, liquid and solid states. Four types of such 
forces are mentioned here. 

1. Dipole-dipole forces 

2. Ion-dipole forces 

3. Dipole-induced dipole forces 

Instantaneous dipole-induced dipole forces or London dispersion forces 


4.1.1 Dipole-dipole Forces 

In case of HC1 molecule both atoms differ in electronegativity. Chlorine being 
more electronegative, develops the partial negative charge and hydrogen develops the 
partial positive charge. So, whenever the molecules are close to each other, they tend to line 

up. The positive end of one molecule attracts the negative end of the other molecule and 
these electrostatic forces of attraction are called dipole-dipole forces. However, thermal 
energy causes the molecules not to have a perfect alignment. 

Anyhow, there is a net attraction between the polar molecules. These forces are 
called as dipole -dipole forces and they are approximately one percent as effective as a 
covalent bond. The strength of these forces depends upon the electronegativity difference 
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between the bonded atoms and the distance 
between the molecules. The distances 
between molecules in the gaseous phase are 
greater so these forces are very weak in this 
phase. In liquids these forces are reasonably 
strong. The examples of the molecules which 
show dipole-dipole attractions are numerous. 
Two of these are given below Le., for HC1 and 


-cs- 


N 


Cl_ 

fl- 

Ci 


X 




<?- 


b 

-Cl- 


-H- 


-dt 


Cl*- 

X 


,s- 

-Cl 


ct 


Fit;. (4.1) Dipole - dipole forces present in HC1 
molecules and chloroform (Cf IC1 3 ) molecules. 


CHCl, (chloroform) Fig (4. 1) 

Greater the strength of these dipole-dipole forces, greater are the values of 
thermodynamic parameters like melting points, boiling points, heats of vapourization and 
heats of sublimation. 


4,1,2 Dipole-induced Dipole Forces 

Sometimes, we have a mixture of substances containing polar and non-polar 
molecules. The positive end of the polar molecule attract - the mobile electrons of the 
nearby non polar molecule. In this way 

4 




Permanent 
polar molecule 



Non-polar 

molecule 


Permanent 

dipole 


Induced 

dipole 


Fig (4,2) Dipole-induced dipole interactions 

Dipole Forces or London 


polarity is induced in non-polar 
molecule, and both molecules become 
dipoles. These forces are called dipole- 
induced dipole forces or as Dehye forces. 

The following figure makes the idea clear 
Fig (4.2). 

4.1.3 Instantaneous Dipole-induced 
Dispersion Forces 

Intermolecular forces among the polar molecules, as discussed in section 4.1.1 are very 
easy to understand. But the forces of attraction present among the non-polar molecules like 
helium, neon, argon, chlorine and methane need special attention because under normal 
conditions such molecules don't have dipoles. We know that helium gas can be liquefied 
under appropriate conditions. In other words forces of attraction operate among the atoms 
of helium which cause them to cling together in the liquid state. 

A German physicist Fritz London in 1930 offered a simple explanation for these 
weak attractive forces between non-polar molecules. 

In helium gas, the electrons of one atom influence the moving electrons of the other 
atom. Electrons repel each other and they tend 
to stay as far apart as possible. When the 
electrons of one atom come close to the 
electron of other atom, they are pushed away 
from each other. In this way.a temporary dipole is 
created in the atom as shown in the Fig (4.3). The 
result is that, at any moment, the electron 



s " 


< 

«— ► Tt 

attraction 

— ] 

attraction 


Fig. (4.3) Instantaneous dipole-induced 
dipole attractions between helium atoms. 
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, d hp n S °J ‘a? l° m iS "° m ,° re symmetrical - 11 has more “<®*>ve Charge on one side than on 
the other. At that particular instant, the helium atom becomes a dipole. This is called 

instantaneous dipole. This instantaneous dipole then disturbs the electronic cloud of the 
othei nearby atom. So,a dipole is induced in the second atom. This is called induced dipole 
The momentary 'force ot attraction created between instantaneous dipole and the induced 
aipo'e is called dipole-mduced dipole interaction or London force. It is a very short-lived 
attraction because the electrons keep moving. This movement of electrons cause the 
dipoles to vanish as quickly as they are formed. Anyhow, a moment later, the dipoles will 
appear in different orientation and again weak attractions are developed. 

London forces are present in all types of molecules whether polar or non-polar but they 
are very significant for non-polar molecules like C\ H : and noble gases (helium, neon, etc. ) ' 

4.1.4 F actors Affecting the London Force- 


London forces are weaker than dipole- 
dipole interactions. The strength of these forces 
depend upon the size of the electronic cloud of 
the atom or molecules. When the size of the atom 
or molecule is large then the dispersion becomes 
easy and these forces become more prominent. 
The elements of the zero group in the periodic 
table are all mono-atomic gases. They don't make 
covalent bonds with other atoms because their 
outermost shells are complete. Their boiling 
points increase down the group from helium to 
radon. Boiling points of noble gases are given in 
Table (4.1) 

The atomic number increases down the 
group and the outermost electrons move away 
from the nuclei. The dispersion of the electronic 


Table(4.1) Boiling points of halogens 
and nobJtf gases 


Group VILA 

{Halogens^ 

(Ncbje gases) 
2 1 

He 

-rea.b 

9 

>- 

F 

No 

188.1 

-245. S 

1? 


Cl 

Ar 

I _ 34 - 6 

-1S5.7 

3S 

36 

Br 

Kr 

53.8 

-152,3 

53 

54 

l 

X* 

^34 4 

- 1 07. T 

85 

55 1 

At 

Rn 

337 

-61,8 


Atomic number 


Ijiyiritjol 


oi buy pain! 
- 26 S 6 X TC) 


clouds becomes more and more easy, So the polarizability of these atoms go on increasing. 

o anzabihty is the quantitative measurement of the extent to which the electronic 
cloud can be polarized or distorted. When we say that a species (atom, molecule or ion) is 
polarized it means that temporary poles are created. This is possible if electronic cloud can 

Londnnf bed “ ^jf orted , increased distortion of electronic cloud creates stronger 
London forces and hence the boiling points are increased down the group. 

iodine P , 0mtS ° f halogens in ffOU P VU -A also increase from fluorine to 

iodine Table (4.1). All the halogens are non-polar diatomic molecules, but there is a big 

difference m their physical states at room temperature. Fluorine is a gas and boils at 188 f 
. , W 16 1 J 3dm . e 18 d sohd at room temperature which boils at + 184.4 U C. The polarizability of 

iodine molecule is much greater than that of fluorine. 
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Another important factor that affects the strength of London forces is the number of 
atoms in a non-polar molecule. Greater the number of atoms in a molecule, greater is its 
polarizability. Let us discuss the boiling points of saturated hydrocarbons. These 
hydrocarbons have chain of carbon atoms linked with hydrogen atoms. Compare the length 
of the chain for C,,H 6 and They have the boiling points - 88.6 "C- and 68.7 (^respectively. 
This means that the molecule with a large chain length experiences stronger attractive 
, forces. The reason is that longer molecules have more places along its length where they can 

be attracted to other molecules. It is very interesting to know that with the 
increasing molecular mass of these hydrocarbons, they change from gaseous to 
liquid and then finally become solids. The Table (4.2) gives the boiling points and 
the physical states of some hydrocarbons. 

Table (4.2) Boiling points and physical states of some hydrocarbons 


Name 

B.P 

"C (1 atm) 

Physical state 
at S.T.P 

Name 

B.P 

°C (1 atm) 

Physical state 
at S.T.F 

Methane 

- 164 

Gas 

Pentane 

36.1 

Liquid 

Ethane 

-88.6 

Gas 

Hexane 

68.7 

Liquid 

Propane 

-42.1 

Gas 

Decane 

174.1 

Liquid 

Butane 

-0.5 

Gas 

Isodecane 

327 

Solid 




H 


fr 




A 


4.1.5 Hydrogen Bonding 

To understand hydrogen bonding, let us consider the molecule of water. Oxygen is 

more electronegative element as compared to Hydrogen bond 

hydrogen, so water is a polar molecule. Hence — Covalent bond 

there will be dipole-dipole interactions 
between partial positively charged hydrogen 
atoms and partial negatively charged oxygen 
atoms. Actually, hydrogen bonding is 
something more than simple dipole-dipole 
interaction. Firstly, oxygen atom has two lone 
pairs. Secondly hydrogen has sufficient partial 
positive charge. Both the hydrogen atoms of 
water molecule create strong electrical field 
due to their small sizes. The oxygen atom of 

the other molecule links to form a coordinate covalent bond with hydrogen using one of its 
lone pairs of electrons. Fig (4.4). 

Thus loose bond formed is definitely stronger than simple dipole-dipole interaction. 
Because of the small size of the hydrogen atom, it can take part in this type of bonding. This 
bonding acts as a bridge between two electronegative oxygen atoms. { t; nce, hydrogt 


H A 

X H 




■H 


Fig (4*4) Hydrogen bonding in water 


bonding is the electrostatic force of attraction between a highly electronegative atom and 
* ■ i i \ cl\ charged h\ dr< The electronegative atoms responsible for creating 
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Cl 

a- 


Cr 


hydrogen bonding are fluorine, oxygen, 
nitrogen and rarely chlorine. The strength of 
hydrogen bond is generally twenty times less 
than that of a covalent bond. 

It is not advisable to limit the hydrogen 
bonding to the above-mentioned 
electronegative atoms. The three chlorine 
atoms in chloroform are responsible for H- 
bonding with other molecules. These atoms 
deprive the carbon atom of its electrons and the 
partial positively charged hydrogen can form a 
strong hydrogen bond with oxygen atom of 
acetone Fig (4.5). 

The hydrogen bonding present in the 
molecules of ammonia and those of 
hydroflouric acid can be depicted as follows Fig 
(4.6). The molecules of HF join with each other 
in a zig-zag manner. 

The exceptional, low acidic strength of 
HF molecule as compared to HC1, HBr and HI 
is due to this strong hydrogen bonding, because 
the partial positively charged hydrogen is 

entrapped between two highly electronegative atoms. 
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Fig (4.5) Hydrogen bonding between 
chloroform and acetone 
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Fig (4.6) Hydrogen bonding in 
NH :I and HF molecules. 


4 . 1.6 Properties and Application of Compounds Containing Hydrogen 
Bonding 

1 . Thermodynamic Properties of Covalent Hydrides 


Our discussion shows that hydrogen 
bonding exists in compounds having partial 
positively charged hydrogen and highly 
electronegative atoms bearing partial negative 
charge. Obviously such intermolecular 
attractions will influence the physical 
properties like melting and boiling points. Let 
us compare the physical properties of hydrides 
of group I V-A, V-A, VI-A and VII-A. The graphs 
are plotted between the period number of the 
periodic table on x-axis and boiling points in 
kelvin on y-axis Fig (4.7). 

A look at the boiling points of hydrides 
of group I V-A convinces us, that they have low 
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Fig (4.7) A Graph between period number and the 
boiling points of hydrides of IV-A, V-A, VI -A and 
VII-A group elements. 
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boiling points as compared to those of group V-A, Vl-A, VII-A. The reason is that these 
elements are least electronegative. CH 4 has the lowest boiling point because it is a very 
small molecule and its polarizability is the least 

When we consider the hydrides of group V-A, VI-A, VII-A then NH„, H,Oand HF 
show maximum boiling points in the respective series. The reason is, the enhanced 
electronegative character of N, 0 and F. That is why, water is liquid at room temperature, but 
FL,S and H,,Se arc gases. 

It is interesting to know that the boiling point of water seems to be more affected by 
hydrogen bonding than that of HF Fluorine is more electronegative than oxygen. So, we 
should expect H-bonding in HF to be stronger than that in water and as a result the boiling 
point of HF should be higher than that of H 3 0. However, it is lower and the reason is that the 
fluorine atom can make only one hydrogen bond with electropositive hydrogen of a 
neighboring molecule. Water can form two hydrogen bonds per molecule, as it has two 
hydrogen atoms and two lone pairs on oxygen atom. 

Ammonia can form only one hydrogen bond per molecule as it has only one lone pair. 

The boiling point of HBr is slightly higher than that of HC1. It means that chlorine is 
electronegative enough to form a hydrogen bond. Sometimes it is thought that HC1 has a 
strong dipole-dipole interaction but in reality, it is a border line case. The hydrides of fourth 
period GeH t , AsH ,H,Se,HBr show greater boiling points than those of third period due to 
greater size and enhanced polarizabilities. 

2. Solubility of Hydrogen-Bonded Molecules 

Water is the best example of H-bonded system. Similarly ethyl alcohol (C,H 5 OH) 
also has the tendency to form hydrogen bonds. So, ethyl alcohol can dissolve in water 
because both can form hydrogen bonds with each other. Similarly carboxylic acids are also 
soluble in water, if their sizes are small. Hydrocarbons are not soluble in water at all, because 
they are non-polar compounds and there are no chances of hydrogen bonding between water 
and hydrocarbon molecules. 

3. Structure of Ice 

The molecules of water have tetrahedral structure. Two lone pairs of electrons on 
oxygen atom occupy two corners of the tetrahedron. In the liquid state, water molecules are 
extensively associated with each other and these associations break and are reformed 
because the molecules of water are mobile. When the temperature of water is decreased and 
ice is formed then the molecules become more regular and this regularity extends 
throughout the whole structure. Empty spaces are created in the structure as shown in the 
following F'ig (4.8b). That is why when water freezes it occupies 9% more space and its 
density decreases. The result is that ice floats on water. The structure of ice is just like that 
of a diamond because each atom of carbon in diamond is at the center of tetrahedron just like 
the oxygen of water molecule in ice, Fig (4.8b). 
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The luwer density of ice than liquid water at 0 X 
causes water in ponds and lakes to freeze from surface to 
the downward direction. Water attains the temperature of 4 
°C by the fall of temperature in the surrounding. As the 
outer atmosphere becomes further cold, the water at the 
surface becomes less dense. This less dense water below 4 
X stays on the top of slightly warm water underneath. A 
stage reaches when it freezes. This layer of ice insulates the 
water underneath for further heat loss. Fish and plants 
survive under this blanket of ice for months. 

Keeping the whole discussion in view we are forced 
to believe that the pattern of life for the plants and animals 
would have been totally different in the absence of 
hydrogen bonding in water. 

4. Cleansing ^Action of Soaps and 

Detergent ~ 

Soaps and detergents perform the cleansing action 
because the polar part of their molecules are water soluble 
due to hydrogen-bonding and the non-polar parts remain 
outside water, because they are alkyl or benzyl portions and 
are insoluble in water. 


Hydrogen bond 

Covalent bond 

S’ i- 



Fig (4.8 a) Structure 
of liquid water 

4 Oxygen 

v Hydrogen 





Fig (4.8 b) Structure of icc 


5- Hydrogen Bonding in Biological 
Compounds and Food Materials 

Hydrogen bonding exists in the molecules 
of living system. Proteins are the important part 
of living organisms. Fibres like those found in the 
hair, silk and muscles consist of long chains of 
amino acids. These long chains are coiled about 
one another into a spiral. This spiral is called a 
helix. Such a helix may either be right handed or 
left handed. In the case of right handed helix the 
groups like > NH and > C = O are vertically 
adjacent to one another and they are linked 
together by hydrogen bonds. These H-bonds link 
one spiral to the other. X-ray analysis has shown 
that on the average there are 27 amino acid units 
for each turn of the helix, Fig (4.9 a). 



Fig (4.9 a) Hydrogen bonding 
in proteins. 


Hydrogen 
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Deoxyribonucleic acid (DNA) has two 
spiral chains. These are coiled about each other 
un a common axis. In this way, they give a double 
helix. This is 18-20 A in diameter. They are 
linked together by H-bonding between their sub- 
units, Fig (4.9 b). 

The food materials like carbohydrates include 
glucose, fructose and sucrose. They all have -OH groups 

in them which are responsible for hydrogen bonding in them. 



>ugar- ph o spn ate 
backbone 


Fig (4.9 h) Hydrogen bonding in 
DNA double helix 

-VS-'P . vS-’r 

6. Hydrogen Bonding in Paints, Dyes and Textile MaterialsO'* 

One of the most important properties of paints and dyes is their adhesive action. 
This property is developed due to hydrogen bonding. Similar type of hydrogen bonding 
makes glue and honey as sticky substances. 

We use cotton, silk or synthetic fibres for clothing. Hydrogen bonding is of vital 
importance in these thread making materials. This hydrogen bonding is responsible for their 
rigidity and the tensile strength. 


4.2.0 EVAPORATION 

In order to understand evaporation, we have to examine the movement of molecules 
m liquids. The molecules of a liquid are not motionless. The energy of molecules is not 
equally distributed. The molecules which have low kinetic energy move slowly, while others 
with high kinetic energy move faster. If one of the high speed molecules reaches the surface, 
it may escape the attractions of its neighbouring molecules and leaves the bulk of the liquid. 

„ s P ontaneou s change of a liquid into its vapours is called evaporation and it continues at 

all temperatures. O V s - 

Evaporation causes cooling. The reason is that when high energy molecules leave 
the liquid and low energy molecules are left behind, the temperature of the liquid falls and 

heat moves from the surrounding to the liquid and then the temperature of the surrounding 
Also tails, 

There are many factors which control the rate of evaporation of a liquid. Since 
evaporation occurs from liquid surface, so if surface area is increased then more molecules 
are able to escape and liquid evaporates more quickly. For liquids having same surface area, 
the rate of evaporation is controlled by the temperature and the strength of intermolecular 
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forces. At high temperature, the molecules having greater energy increase and so rate of 
evaporation increases. Similarly, if intermolecular forces are weak, the rate of evaporation is 
taster. For example, gasoline, whose molecules experience weaker London forces of 
attraction, evaporate much faster than water. 

4*2.1 Vapour Pressure 

When the molecules of a liquid leave the open surface, they are mixed up with air 
above the liquid. If the vessel is open these 
molecules go on leaving the surface. But if 
we close the system the molecules of liquid 
start gathering above the surface. These 
molecules not only collide with the walls of 
the container, but also with the surface of 
the liquid as well. There are chances that 
these molecules are recaptured by the 
surface of liquid. This process is called 


A liquid begins 
to evaporate 


Vapours begins 
to condense 


; 


Dynamic 

equilibrium 

established 


• # 
» • 


t 


; 


• i 
* • 


liS: 


<d) 


. (a) < e > (=) 

Fig (.4.10) Evaporation of a liquid and establishment 
of dynamic equilibrium between liquid and its vapours 
condensation. The two-processes i.e., evaporation and condensation continue till a stage 
reaches when the rate of evaporation becomes equal to the rate of condensation. This is 
called the state of dynamic equilibrium Fig (4.10). So the vapour pressure of a liquid is a 
pressure exerted by the vapours of the liquid in equilibrium with the liquid at a given 
temperature. 

Liquid ^ — Vapour 

The number of molecules leaving the surface is just equal to the number of 
molecules coming back into it at a constant temperature. The molecules which are in the 
liquid state at any moment may be in vapour state in the next moment. 

J? agni J Ude of , vap ° Ur P ressu ye dues not depend upon the amount of liquid in the 
tamer or the volume of container. It also does not depend on surface area of a liquid. The 
larger surface area also presents a larger target for returning the molecules, so the rate of 
condensation also increases. 

Table (4.3) Vapour pressures 

Vapour Pressure Increases with Temperature ° f water (torr) at various 

The values of vapour pressures of various liquids depend 
feirly upon the nature of liquids i.e. on the sizes of molecules and 
intermolecular forces, but the most important parameter which 
controls the vapour pressure of a liquid is its temperature. At an 
elevated temperature, the kinetic energy of molecules is 
enhanced and capability to leave the surface increases. It causes 
the increase of vapour pressure. Table(4.3) shows change in 
vapour pressure of water at different temperatures. The Table 
(4-3) shows that increases of vapour pressure goes on increasing 
for the same difference of temperature from 0°C to 1(KPC for 
water There is increase of vapour pressure from 4.579 torr to 


temperatures 


Temperature 

t°C) 

Vapour 

Pressure 

(Torr) 

0 

4.579 

10 

9*209 

20 

17-54 

30 

3L82 

37 

47.07 

40 

55,32 

50 

92.51 

60 

149.4 

70 

233*7 

SO 

355.1 

90 

527.8 

100 ( 

760.0 
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9.209 torr for change of temperature from 0 D C to 10 n C. But the increase is from 527.8 torr to 760 
torr when temperature changes from 90°C to 100°C. 

The difference in the strength of intermolecular forces in different liquids is directly related 
to their vapour pressures at a particular temperature. The stronger the intermolecular 
forces the lower the vapour pressure. The following Table (4.4) shows that at 20 °C 
isopentane has the highest vapour pressure, while glycerol has the lowest. 


Table (4.4) Vapour pressure of some important 


4.2.2 Measurement of Vapour 

liquids at 20°C 

Pressure 

Name of compound 

Vapour pressure 

There are manv methods for the 


at 20°C (torr) 

measurement of vapour pressure of a 

Isopentane 

580 

liquid. One of the important methods is 

Ethyl ether 

442.2 

described in the following paragraph. 

Chloroform 

170 


Carbon Tetrachloride 

87 

Manometric Method 

Ethanol 

43.9 

Manometric method is 

Mercury 

0.012 

comparatively an accurate method. The 

Glyceru! 

0.00016 


liquid whose vapour pressure is to be 
determined is taken in a flask placed in a thermostat, as shown in the Fig(4.11). One end of 
the tube from the flask is connected to a manometer and the other end is connected to a 
vacuum pump. The liquid is frozen with the help of a freezing mixture and the space above 
the liquid is evacuated. In this way, the air is removed from the surface of the liquid alongwith 
the vapours of that liquid. The frozen liquid is then melted to release any entrapped air. 
Liquid is again frozen and realeased air 
is evacuated. This process is repeated 
many times till almost all the air is 
removed. 

Now the liquid is warmed in the 
r hermostat to that temperature at which 

its vapour pressure of the liquid in 
the flask is to be determined. Ihllereuce 
in the heights of the columns of Hg in 
the two limbs of the manometer determines the vapour pressure of the liquid. 

The column of mercury in the manometer facing the vapours of the liquid is 
depressed. The other column, which faces the atmospheric pressure, rises. Actually, the 
pressure on the surface of the liquid in the flask is equal to the sum of the atmospheric 
pressure and the vapour pressure of liquid. For this reason, the column of manometer facing 
the liquid is more depressed than facing the atmosphere, and it is given by the following 
equation. 



me r 

jlfl 

i 



"Ttienmostat 


¥ig. (4.1 1) Measurement of vapour pressure of a 
liquid by manometric method 
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P = P„ + Ah 

Where P - Vapour pressure ofthe liquid at one atm pressure. 

P,= Atmospheric pressure. 

Ah = Difference in the heights of the mercury levels in the two limbs 

of the manometer, giving us the vapour pressure of liquid. 


4.2.3 Boiling Point 

When a liquid is heated, Lhe vapour pressure goes on increasing. A stage reaches 
when the vapour pressure ofthe liquid becomes equal to the external atmospheric pressure. 
This temperature is called the boiling point of the liquid. The reason for this is that the 
bubbles of vapours which are formed in the interior of the liquid have greater internal 
pressure than atmospheric pressure on the surface of liquid. This thing makes the buhble to 
come out of the liquid and burst upon the surface. Thus a constant stream of bubbles comes 
out at the boiling point . 

When a liquid is heated, Table (4.5) Boiling points of some 

the kinetic energy of its common liquids at 760 torr. 

molecules increases and hence | Liquids " |iii J rC)| Liquids fop fC) 

the temperature also increases. ; ■ 

At the boiling point, the kinetic Acetic Acid 118.50 Carbon tetrachloride ' 6.50 

energy of the molecules Acetone 56.00 Ethanoi 78.26 

becomes maximum and any Aniline 184.4 Naphthalene 218.00 

further beating at this stage will Benzene 80.15 Phenol 181.80 

not increase the temperature. Carbon disulphide 46.30 Water 100.00 

This heat will only be utilized to ^ L — 1 


Table (4.5) Boiling points of some 
common liquids at 760 torr. 


Liquids 

B.i J ( t) 

Liquids 

B.F CQ 

Acetic Acid 
Acetone 
Aniline 
Benzene 

Carbon disulphide 

118.50 

56,00 

184.4 

80.15 

46.30 

Carbon tetrachloride 

Ethanoi 

Naphthalene 

Phenol 

Water 

76.50 

78.26 

218.00 

181.80 

100.00 


break the intermolecular forces and convert the 
liquid into its vapours. The amount of heat 
required to vapourize one mole of a liquid at its 
boiling point is called its molar heat of 

1 apounzation. The molar heat of vapourization of 
water is 40.6kjmol' 1 . The boiling points of some 
commonly available liquids at one atmospheric 
pressure are shown in the Table (4.5). 

The Fig. (4.12) shows the variation of 
vapour pressure of water, ethyl alcohol, ethylene 
glycol and diethylether with temperature. It 
shows that the liquids reach upto their boiling 
points when their vapour pressures are equal to 
760 torr at sea level. The way these curves start at 
0 °C is interesting. Water takes start at 4.8 torr 
while diethyl ether at around 200 torr. This is due 


Norma! boiling points 



Temperature 

Fig (412) Vapour pressures(torr) of four 
common liquids shown as a 


function of temperature (°C). 
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to difference in the strengths of their inter molecular forces. The curve for water goes 
alongwith temperature axis to a greater extent at the beginning as compared to ether. It 
means that water can hardly overcome its intermolecular forces at low temperatures. It is 
clear from the curves that the vapour pressure increases very rapidly when the liquids are 
closer to their boiling points. 

4.2.4 Boiling Point and External Pressure 

We have already explained that when vapour pressure of a liquid becomes equal to 
the external pressure then the liquid boils, so when external pressure is changed, its boiling 
point will also be changed. A liquid can be made to boil at any temperature by changing the 
external pressure. When the external pressure is high the liquid requires greater amount of 
heat to equalize its vapour pressure to external pressure. In this way boiling point is raised. 
Similarly, at a lower external pressure a liquid absorbs less amount of heat and it boils at a 
lower temperature. 

For example, water shows B.E of 120 °C at 1489 torr pressure and boils at 25 r 'C at 
23.7 torr. Water boils at 98 °C atMurree hills due to external pressure of 700 torr while at the 
top of Mount Everest water boils at only 69 ' C at 323 torr. 

We can increase the external pressure artificially on the surface of boiling water by 
using a pressure cooker. Pressure cooker is a dosed container. The vapours of water formed 
are not allowed to escape. In this way, they develop more pressure in the cooker and the 
boiling temperature increases. As more heat is absorbed in water, so food is cooked quickly 
under increased pressure. 

Liquids can be made to boil at low temperatures, where they can be distilled easily. 
This process is called vacuum distillation. Vacuum distillation has many advantages. It 
decreases the time for the distillation process and is economical because less fuel is 
required. The decomposition of many compounds can be avoided e.g. glycerin boils at 290 °C 
at 760 torr pressure but decomposes at this temperature. Hencaglycerin cannot be distilled 
at 290 "C. Under vacuum, the boiling temperature of glycerin decreases io2 10 "C at 50 torr. It 
is distilled at this temperature without decomposition and hence can be purified easily. 


4.2.5 Energetics of Phase Changes 

Whenever, matter undergoes a physical change, it is always accompanied by an 
energy change. This change in energy is the quantitative measurement of the difference in 
the strength of intermolecular forces. 

The change in energy is mostly in the form of heat. If a physical or a chemical change 
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lakes place at a constant pressure, then the heat change during this process is also called 
• ' halpy change. This is denoted by AH. These enthalpy changes are usually expressed per 
mole of the substances. Three types of enthalpy changes are associated with usual physical 
changes. 

(i) Molar Heat of Fusion (AH f ) 

It is the amount of heat absorbed by one mole of a solid when it melts into 
liquid form at its melting point. The pressure, during the change is kept one atmosphere. 

(ii) Molar Heat of Vapourization (AH V ) 

It is the amount of heat absorbed when one mole of a liquid is changed into vapours 
at its boiling point. The pressure, during the change is kept one atmosphere. 

(iii) , Molar Heat of Sublimation (AH,) 

It is the amount of heat absorbed when one mole of a solid sublimes to give one mole 
of vapours at a particular temperature and one atmospheric pressure. 

All these enthalpy changes are positive, because they are endothermic processes. 

4.2.6 Energy Changes and Intermolecular Attractions 

W 1 hen a solid substance melts then atoms, molecules or ions undergo relatively small 
changes in intermolecular distances and the potential energy also undergoes a small change. 
But when a liquid evaporates, then larger changes in intermolecular distances and in 
potential energy takes place. So AH of vapourization of a substance is greater than AH of 
fusion. The values of AH S are even larger than AH, because attractive forces in solids are 
stronger than those in liquids. 

The values of All, and AH S tell us directly the energy 
needed to separate molecules from each other. So from these 
values, we can compare the strengths of intermolecular 
forces in different compounds. 

From the following Table (4.6), we are convinced that 
AH for H,0, NH, and SO. are reasonably high due to polar 
nature of molecules. AH for iodine is the highest amongst its 
family members due to its greater polarizability. Similarly, 
hexane (C 6 H 14 ) has the highest AH V value amongst the 
hydrocarbons due to larger size of its molecules. Actually, the 
London dispersion forces in I 2 and are sufficiently strong 
and these are responsible for such a behaviour. 

4.2.7 Change of State and Dynamic 
Equilibrium 

Whenever, a change of state occurs the system 


Table (4.6) Heats of 
vaporization 
of some substances 


Substance 

AH V (kj/mol) 

HO 

+ 40.6 

NH„ 

+ 21.7 

HC1 

+ 15.6 

SO, 

+ 24.3 

F s 

+ 5.9 

ci, 

+ 10.00 

Br, 

+ 15.00 


+ 22.00 

CH 4 

+ 8.60 

HH 

+ 15.1 

CjH, 

+ 16.9 

C:H 

+ 30.1 
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moves towards the condition of dynamic equilibrium. Dynamic equilibrium is a situation 
when two opposing changes occur at equal rates. Being a chemist, wc should know that the 
concept of dynamic equilibrium is the fate or the ultimate goal of all the reversible chemical 
reactions and all the physical changes. 

At O'-'C, solid water (ice) exists in dynamic equilibrium with liquid water. 

0°C 

ice water 

4.3 Liquid Crystals 

Whenever we study the properties of crystalline solids, we come to know that the 
pure solids melt sharply. The temperature remains constant at the melting point until all the 
solid melts. 

In 1888, Frederick Reinitzer, an Austrian botanist discovered a universal property. 
He was studying an organic compound cholesteryl benzoate. This compound turns milky 
liquid at 145°C and becomes a clear liquid at I79 D C. When the substance is cooled, the 
reverse process occurs. This turbid liquid phase was called liquid crystal. 

Uptil now, it has been reported that, there are many crystalline solids wh ich melt to a 
turhid liquid phase, before finally melting to a clear liquid. These turbid liquid phases can flow 
as liquids. They have the properties like liquids as surface tension, viscosity, etc. But it is 
very interesting to know that the molecules of such turbid liquids possess some degree of 
mder as well. It means that these turbid liquids resemble crystals in certain properties and 
tlie most important piopetties are optical ones, these turbid liquids are hence called liquid 
crystals, bo, a liquid crystalline state exists between two temperatures i.e. melting 
temperature and clearing temperature. A crystalline solid may be isotropic or anisotropic, 
but liquid crystals are always anistropic. 

Crystal «■ Liquid crystal '* Liquid 

From 1888 to until about 80 years ago, liquid crystals were largely a laboratory 
curiosity. But now they have found a large number of applications. 

Those substances which make the liquid crystals are often composed of long rod like 
molecules. In the normal liquid phase, these molecules arc oriented in random directions. In 
liquid crystalline phase, they develop some ordering of molecules. Depending upon the 
nature ot ordei ing, liquid crystals can be divided into nematic, smectic and cholesteric. 

The pioperties of liquid crystals are intermediate between those of crystals and 
isotropic liquids. They have the fluidity of the liquids and the optical properties of the 
crystals. fj v 

Uses of Liquid Crystals 

Due to the remarkable optical and electrical properties, liquid crystals find many 
practical applications. Many organic compounds and biological tissues behave as liquid 
crystals. The unique properties of liquid crystals have intrigued the scientists since then- 
discovery, nearly hundred years ago. Some of their important uses are as follows. 

(i) Like solid crystals, liquid crystals can diffract light. When one of the 
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wavelengths of white light is reflected, from a liquid crystal it appears coloured. As 
the temperature changes, the d istances between the layers of the molecules of liquid 
crystals change. Therefore, the colour of the reflected light changes accordingly. 
Thus liquid crystals can be used as temperature sensors. 

(ii) Liquid crystals are used to find the point of potential failure in electrical circuits. 
Room thermometers also contain liquid crystals with a suitable temperature range. 
As the temperature changes, figures show' up in different colours. 

(iii) Liquid crystalline substances are used to locate the veins, artenes, infections and 
tumors. The reason is that these parts of the body are warmer than the surrounding 
tissues. Specialists can use the techniques of skin thermography to detect blockages 
in veins and arteries. When a layer of liquid crystal is painted on the surface of the 
breast, a tumor shows up as a hot area which is coloured blue. This technique has 
been successful in the early diagnosis of breast cancer. 

(iv) Liquid crystals are used in the display of electrical devices such as digital watches, 
calculators and laptop computers. These devices operate due to the fact that 
temperature, pressure and electro-magnetic fields easily affect the weak bonds, 
which hold molecules together in liquid crystals. 

(v) In chromatographic separations, liquid crystals are used as solvents. 

(vi) Oscillographic and TV displays also use liquid crystal screens. 

SOLIDS 


4.4 INTRODUCTION 

Solids are those substances which are rigid, hard, have definite shape and definite 
volume. The atoms, ions and molecules that make up a solid are closely packed. They are 
held together by strong cohesive forces. The constituent atoms, ions or molecules of solids 
cannot move at random. There exists a well ordered arrangement in solids. 

4.4.1 Types of Solids 

Solids can be classified on the basis of the regular arrangements of constituent 
atoms, ions or molecules. There are two types of solids in this respect. 


(i) Crystalline Solids 

Those solids in which atoms, ions or molecules are arranged in a definite three- 
dimensional pattern are called crystalline solids. This recurring regular geometrical pattern 
of structure extends three dimensionally. 

(ii) Amorphous Solids 

All solids are not crystalline .The word amorphous means shapeless. Amorphous 
substances are those whose constituent atoms, ions, or molecules do not possess a regular 
oincri) arrangement. The best examples are glass, plastics, rubber, glue, etc. These 
substances ic-we solid state properties and virtually complete maintenance of shape and 
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volume. But they do not have an ordered crystalline state. 

Many crystalline solids can be changed into amorphous solids by melting them and 
then cooling the molten mass rapidly. In this way the constituent particles do not find time to 
arrange themselves. 

A long range regularity does not exist in amorphous solids but they can possess small 
regions of orderly arrangements. These crystalline parts of otherwise amorphous solids are 
tn0WI 1 as crystallites. Amorphous solids don't have sharp melting points that is why particles of 
glass softens over a temperature range and can be moulded anti clown into various shapes 
Ihey do not possess definite heats of fusion. 


4.4.2 Properties of Crystalline Solids 

1. Geometrical Shape 

All the crystalline solids have a definite, distinctive geometrical shape due to definite 
and orderly arrangement of atoms, ions or molecules in three-dimensional space. For a given 
crystal, the interfacial angles, at which the surfaces intersect, are always the same no matter 
in which shape they are grown. The faces and angles remain characteristic even when the 
material is ground to a fine powder. 

2. Melting Points 

Crystalline solids have sharp melting points and can be identified from their definite 
melting points. 

3. Cleavage Planes 

Whenever the crystalline solids are broken they do so along definite planes. These 
planes are called the cleavage planes and they are inclined to one another at a particular angle 
for a given crystalline solid. The value of this angle varies from one solid to another solid. 

4. Anisotropy 

Some of the crystals show variation in physical properties depending upon the 
direction. Such properties are called anisotropic properties and the phenomenon is referred 

to as anisotropy. The physical properties of crystalline solids like refractive index, coefficient 
of thermal expansion, electrical and thermal conductivities are sometimes anisotropic in 
nature for some crystals. The variation in these properties with direction is due to fact that 
the orderly arrangement of the particles in crystalline solids is different in different 
directions. For example, electrical conductivity of graphite is greater in one direction than in 
another. Actually electrons in graphite are mobile for electrical conduction parallel to the 
layers only. Therefore, its conductivity in this direction is far better than perpendicular to the 
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other direction. Similarly, cleavage itself is an anisotropic behaviour. 

Symmetry 

The repetition offaces, angles or edges when a crystal is rotated by 360° along its 
axis is called symmetry. This an important property of the crystal and there are various types 
tond ^ lfc ' “ f 

6. Habit of a Crystal 

Tne shape of a crystal in which it usually grows is called habit of a crystal Crystals 
are usually obtained by cooling the saturated solution or by slow cooling of the liquid 
substance. These are formed by growing in various directions. If the conditions for growing a 
crystal are maintained, then the shape of the crystal always remains the same If the 

N?n hl°e S 3re Trl f ape ° f the crystai may chan *e. For example, a cubic crystal of 
. aCl becomes needle like when 10% urea is present in its solution as an impurity. 

7* Isomorphism Ojv*- 

Isomorphism is the phenomenon in which two different substanr,- exist in the 
crysumje form. These different substances are called isomorphs of ' 

I ‘ S mdependent of the chemical nature of the atoms and depends ■ 

only on the number of atoms and their way of combinations. P 

nnaeiKl ^ f at0mS “ Various compounds arc such that isomophism is 

fsmn b h The ‘h PhySICa “ chemical Properties are quite different from each other Anyway 
isomorphic substances crystallize together in all proportions in homogeneous m^es 

oftSoTs^ US tht? ^ ° f thC C ° mp0Und ’ their cr ystalline forms and the ratio 


Isomorphs 

Crystalline form 

Atomic ratio 

NaNO n , KNO, 

KpSOjjKjCrO^ 

ZnSO J ,NlSO [ 

NaF] MgO 

Cu.Ag 

Zn, Cd 

nirifitruc rtf tUs-c 

rhombohedral 

orthorhombic 

-do- 

cubic 

cubic 

hexagonal 

1:1:3 

2:1:4 

1:1:4 

1:1 

1:1 

1:1 


Shanes of SD ^'and rvn - , r , J anU ^ are the same - Similarly 

^ SOi mdN0 - P“t„ M eSO,- 

8- Polymorphism 

c.ysdal^e'S’^^ * ph ™ n ™ “ "W* a rempound exists in more than one 





98 


Chemistry XI 


chemical properties, but they differ in the physical properties. The difference in physical 
proper lies is due w different structural arrangement of their particles. 

The following compounds are important polymorphs. 


Substance 

Crystalline forms 

AgNT), 

CaCO ; 

Rhnmbohcdral, Orthorhombic 
Trigonal and orthorhombic 


9* Allotropy 

The existence of an element in more than one crystalline forms is known as 
allotropy and these forms of the element are called allotropes or ailotropic forms. Sulphur, 
phosphorus, carbon and tin are some important examples of elements which show allotropy 


Element 

Crystalline forms 

Sulphur, S 
Carbon, C 
Tin, Sn 

rhombic, monodinic 

cubic (diamond), hexagonal (graphite) 

grey tin (cubic), white tin (tetragonal) 


\/C. r 




10. Transition Temperature 

Ti* * , 


It is that temperature at which two crystalline forms of the same substance can co- 
exist in equilibrium with each other. At this temperature, one crystalline form of a substance 
changes to another. Above and below this temperature, only one form exists. A few 
examples tor those substances which show allotropy and possess a transition temperature 

are given below , 0 „ „ 

- (II Grey tin (cubic) — C » Whlte tln (Tetragonal) 

(ii) Suipliu.- S ( rhombic) 95.5"C : Sulnhur S. fmomidinic) 

(iii) KNO^orthcrhombic) . m ^ (rhombohwlral) 

(iv) Na,SO.-lOti‘ O (In J rated form) (anhydrous from) + 10 H ; 0 

=====^j l s , a,CO } -7H jO (lower hydrated 

form) + 3H.O 


(v) NaXO.- 1 0 IhO (higher Itvd rated form) 


It has been noticed that the transition temperature of the ailotropic forms of an 
element is always less than its melting point. 


4.5 CRYSTAL LATTICE 

A crystal is made up of atoms, ions or molecules. 
In crystalline solids, these atoms, ions or molecules are 
located at definite positions in space. These positions are 
represented by points in a crystal. These points are called 
as lattice points or lattice sites. This arrangement of 
points in a crystal is called crystal lattice or space lattice. 
So a crystal lattice is an array of points representing 
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atoms, ions or molecules of a crystal, arranged at different sites in three 
Fig. (4. 13} shows a crystal lattice with a cubic structure. 

4.5.1 Unit Cell 



3 ^ 

space. 


When we look at the cubic crystal 
lattice in Fig (4.14), we see that it is actually 
composed of many small parts. The smallest part 
of the crystal lattice has all the characteristic 
features of the entire crystal and is called a unit 
cell. 

It means that a unit cell of a crystal lattice is the 
smallest block or geometrical figure, from which 
the entire crystal can be built up by repeating it in 
three dimensions. It shows the structural 
properties of a given crystal. The complete 
information about the crystalline structure is 
present within a unit cell which repeats itself in 
three dimensions to form a crystal. 

If we know the exact arrangement of 
atoms in a unit cell, we in fact know their 



shape of a unit cell 


arrangement in the whole crystal. 

The quantitative aspects of a crystal lattice are deduced from the size and shape of 
the unit cell. There are three unit cell lengths a, b, c and three unit cell angles a . p and . 
These six parameters are shown in Fig (4.14) 


The angle 'a' is between the lengths r b r and ’c', the angle ’P' is between the sides 'a' 
and ’c’ and angle 1 y' is between sides 'a' and 'b'. The unit cell lengths a, b, c, may be assigned 
along x, y and z axis, respectivly but angles a , p and y have to be decided accordingly. The 
choice of x, y, z may be along any of the three axis. These six parameters of the unit cell are 
called unit cell dimensions or crystallographic elements. 

Keeping in view the structure of the unit cell we can understand the crystal system. 

4.6 CRYSTALS AND THEIR CLASSIFICATION v \cS*r 

A crystal system may be identified by the dimensions of its unit cell along its three edges or 
axes, a, b, c and three angles between the axes a , p , y . 

There are seven crystal systems. These seven crystal systems are 
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described as follows Fig (4.15). 

1. Cubic system 

In this system all the three axes are of equal length 
and all are at right angles to one another. 


2. Tetragonal system 

in this system two axes are of equal length and the 
third axis is either shorter or larger than the other two. All 

angles are 90". 

3. Orthorhombic Or Rhombic System 

All the three axes are of unequal length and all are at 

right angle to each other. 

4. Monociinic System 

All the three axes a re of tm equal length; two of these 
axes are at right angle to each other while the third angle is 

greater then 90°. 

5. Hexagonal System 

In this system iwo axes are of equal length and 
art.' in one plane making an angle of 120° with each other. 
The third axis which is different in length than the other two 
is at right angle to these two axes. 



Z57 

sP- 

a 

Tetragonal 




w 


Monociinic 


dA 

1 uno 


Orthorhombic 


Hexagonal 


6. Rhombohedral System Or Trigonal System 

All the three axes are of an equal length like cubic 
system but the three angles are equal and lie between 90" 

and 120". 


7 . Triclinic System 

All the three axes and the three angles are unequal 
and none of the angles is 90°. 

Table (4.7) shows the unit cell dimensions of the 


seven cry: 


able (4.7) 
r stal systei 


ems alongwith their examples. 





RhombohudraJ 



Fig (4.15) Seven crystal 
systems 
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Tabic (4.7) Seven Crystal Systems 


Sr. No 

Crystal system 

Axes 

Angles 

Examples 

JL 

Cubic 

a = b = c 

a=p=y= 90° 

Fe. Cu, Ag, Au, NaCi, NaBr, 
Diamond 

2 . 

Tetragonal 

u 

% 

II 

a 

a=J}=y — 90° 

Sn, SnO,, MnO,, NH.Br 

3. 

Orthorhombic 

a 4 * b 7 * c 

a=P=y= 90° 

Iodine, Rhombic, Sulphur, 
BaSO„ K,S0 4 

4. 

Monoclmic 

a # b * c 

a=Y~ 90 n , P*90° 

Sugar, Sulphur, Borax, 
Na,SO„. 10 H ;! O 

5. 

Hexagonal 

a = b ^ c 

a=p= 90°, y— 120 1 ' 

Graphite, ZnO, CdS, Tee, Zn, Cd 

6 . 

Rhombohedral 
or Trigonal 

a = b = c 

a=3=T>90 n and<i20° 

Hi, A1A. NaNCX, KNO 

7. 

Tridmic 

a * b * c 

a * P * y -t 90° 

H,BO„ K,Cr,Q ; , CuSO.,.5H,0 


4.7 CLASSIFICATION OF SOLIDS 

In the preceding section, we noted that the crystals arc classified into seven 
systems depending upon the dimensions of the unit cells. A unit cell contains a definite 
number of atoms, ions, or molecules. These atoms, ions or molecules are held together by 
different types of cohesive forces. These forces may be chemical bonds or some type of 
interactions. There are four types of crystalline solids depending upon the type of bonds 
present in them* 

(i) Ionic solids (ii) Covalent solids 

(iii) Metallic solids (iv) Molecular solids 

4.7.1 Ionic Solids 

Crystalline solids in which the particles forming the crystal are positively and 
negatively charged ions are called ionic solids. These ions are held together by strong 
electrostatic forces of attraction. These attractive forces are also called ionic bonds. The 
crystals of'NaCI. KBr. etc arc ionic solids. 

Properties of Ionic Solids 

1 he cations and anions are arranged in a well defined geometrical pattern, so they 
are crystalline solids at room temperature. Under ordinary conditions of temperature and 
pressure they never exist in the form of liquids or gases. 

Ionic civstals are very stable compounds. Very high energy is required to separate 
the cations and anions from each other against the forces of attraction. That is why ionic 
crystals are very hard, have low volatility and high melting and boiling points. 

Ionic solids do not exist as individual neutral independent molecules. Their cations 
and anions attract each other and these forces are non-directional. The dose packing of the 
ions enables them to occupy minimum space. A crystal lattice is developed when the ions 
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arrange themselves systematically in an alternate manner. 

The structure of the ionic crystals depends upon the radius ratio of cations and 
anions. For example, NaCl and CsF have the same geometry because the radius ratio in both 

the cases is the same. 

In the case of ionic crystals we always talk about the formula mass of these 
substances and not the molecular mass, because they do not exist in the form of molecules. 

Ionic crystals do not conduct electricity in the solid state, because on account of 
electrostatic force existing between them the cations and anions remain tightly held 
together and hence occupy fixed positions. Ionic crystals conduct electricity when they are 
in solution or in the molten state. In both cases ions become free. 

Ionic crystals are highly brittle 
because ionic solids are composed of 
parallel layers which contain cations and 
anions in alternate positions, so that the 
opposite ions in the various parallel layers 
lie over each other. When an external 
force is applied, one layer of the ions 
slides a bit over the other layer along a 
plane. In this way the like ions come in 
front of each other and hence begin to Fig (4.16) Explanation of brittleness 
repel. So, the application of a little of ionic crystals 

external force develops repulsion between two layers causing brittleness Fig (4.16). 

Ionic solids are mostly of high density due to close packing of ions. Such compounds 
having the ionic crystals give ionic reactions in polar solvents and these are very fast 
reactions. 

The properties like isomorphism and polymorphism are also associated with the 
ionic crystals. In order to understand the structure of ionic crystals, let us explain the 
structure of sodium chloride crystals. 

Structure of Sodium Chloride 

The structure of ionic crystals depends upon the structure and the size of their ions. 
Each ion is surrounded by a certain number of ions of opposite charge. In the structure of 
NaCl each N,T ion is surrounded by six chloride ions. Fig (4.17) shows how these ions are 
arranged in the crystal lattice. It is clear that Na" has ten electrons while Cl has total 18 
electrons. The size of the Cl is bigger than that of Na + 

The distance between two nearest ions of the same kind i.e.. Cl ions is 5.68 A . So 
the distance between two adjacent ions of different kind is 5.63/2 - 2.815 A. 

The location of Na + and Cl is such that each Na‘ is surrounded by six Cl' placed at 
the corners of a regular octahedron Fig. (4.17 a). So the coordination number of each Na + is 
six. Similarly, each Cl is also surrounded by six Na + . Na and Cf are not connected to one 
another by pairs because all six Cl ions are at the same distance away from one Na + . It has 
been observed that independent molecules of NaCl do exist in the vapour phase. Anyhow, in 
solid NaCl there are no independent molecules of NaCl. That is why NaCl is said to have 
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formula unit of NaCl. 

While looking at the 
FigQ’4.17 b), we see that there are 
eight Cl at the comers of the cube, 
and each is being shared amongst 
eight cubes. l/8th part of each Cl ion 
is considered for this unit cell. So, 
one complete Ct is contributed by 
eight corners. Similarly, six chloride 
ions are present at the face centres 
and each is being shared between 



Figs (4.17 a, b) The unit cell of sodium chloride 
showing that four NaCl formula units are present in a 
unit cell. 


two cells. Thus, per unit cell there are 8/8 + 6/2 = 4 Cl' ions. You can justify the presence of 
4Na , if you take a unit cell having 8Na + at eight comers and 6Na* at faces. So, there are equal 
number of Na ' ions, and therefore 4 NaCl units are present per unit cell. Fig (4.17b) 


Lattice Energy 

Solids are composed of atoms, ions or molecules. However, many solids of daily 
importance are ionic in nature. As mentioned earlier these ions exist in a three dimensional 
array which is called as lattice. 

When the oppositely charged ions are brought close to each other energy is 
released. So the lattice energy is the energy released when one mole of the ionic crystal is 
formed from the gaseous ions. It is also defined as the energy required to break one mole of 
solid into isolated ions in the gas phase. It is expressed in kj mole . 

Na + (g) + Cl (g) ► NaCl(s) AH = -787 kj mole 1 




Tables (4.8) Lattice energies 
of ionic compounds 




Table (4.8) shows the lattice energies of many ionic compounds. It is dear from the 
table that lattice energy decreases with the increase in the 
size of the cation keeping the anion same. It also decreases 
with the increase in the size of anion. The reason in both 
cast's is the same. With the increase in the size of either 
cation or anion, the packing of oppositely charged ions 
becomes less and less tight. The calculations related to the 
measurement of lattice energy will be discussed in chapter 
seven. 

4.7*2* Covalent Solids 


Ionic 

Lattice energy 

compound 

(kj mul .) 

Lid 

-833 

NaF 

NaCl 

-895 

'787 

KC1 

-690 

NaBr 

-728 

KBr 

-665 

Nal 

-690 




Covalent solids are also called atomic solids, because they are composed of neutral atoms 
of the same or of different dementSx These atoms arc held together by covalent bonds. 
Covalent solids are of two types, 

(i) , When Lhe covalent bonds join to form giant molecules like diamond, silicon carbide or 
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aluminium nitride. 

When i atoms join to form the covalent bonds and separate layers are produced like 
that ot graphite, cadmium iodide and boron nitride. 

Properties of Covalent Crystals 

atoms. The valencies of atoms are directed in definite directions, so the packing of atoms in 

these crystals is looser than those of ionic and metallic crystals. Thus covalent crystals have 
open structure. 

th Cr T St t 1S ai ? VGry hard and considera ble amount of energy is required to break 

them. They have high melting points and their volatility is very low. 

Due to the absence of free electrons and ions they are bad conductors of electricity, 
ocvever. giaphite has a layered structure and the electrons are available in between the 
layers. These electrons are delocalised and conductivity becomes possible. Graphite is not a 
conductor perpendicular to the layers. 

. ^fostjy covalent crystalline solids are insoluble in polar solvents like water but they 
e readily soluble in non-polar solvents like benzene and carbon tetrachloride. The covalent 
^ ant molecules like diamond and silicon carbide are insoluble in all the 

rhLS Be ‘; f dUSe °f the ' r blg slze ’ fhe >' do not interact with the solvent molecules. The 
i herrucal reactions of such crystalline solids are very slow 

Let us try to understand the structure of diamond, which is a well known covalent solid. 

Structure of Diamond 

Diamond is one of the allotropic modifications of carbon. It is best understood by 
taking into consideration the number of electrons in the 
outermost shell of carbon, which are four. The four 
atomic orbitals (one 2s and three 2p) undergo sp 3 
hybridization to give four sp 3 hybridized orbitals. They 
are directed in space along the four corners of a 
tetrahedron Fig. (4.18 a). 

This is the unit cell of diamond and a large 
number of such unit cells undergo sp 3 -sp a overlapping to 
form a huge structure. Each carbon atom is linked with 
four other carbon atoms. The bonds between carbon 
atoms are covalent which run through the crystal in 
three-dimensions. All the bond angles are 109.5" and 
the bond lengths are 154 pm. The whole lattice is. 
therefore, continuous and because of the continuity of 
C-C covalent bonding. The entire diamond crystal 
behaves as a huge or giant three-dimensional carbon 

molecule. This is also called a macro-molecule Fig (4.18b)Structoe of 

_ _ diamond crystal 



Fig(4T8a) Tetrahedral unit in 
carbon atoms in diamond crystal 


T.^tjwn 
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Fig.(4.18b).The overall structure of diamond looks face 
centred- cubic Fig. (4.18 c) 

4.7.3. Molecular Solids 

Those solid substances in which the 
particles forming the crystals are polar or non-polar 
molecules or atoms are called molecular solids 
For instance, ,n solidified noble gases, there are 
atoms. Two types of intermodular forces hold the 
particles together in molecular solids. 



FigU.liS c Face-centered cubic structure 
of diamond 


(l) Dipole-dipole' interactions. 

(ii) van rlar Waals forces. 

These intermolecular forces arc much weaker than the forces of attraction between 
the cations and the anions in ionic crystals, and between the atoms in the covalent crystals. 

Ice and sugar are the best examples of crystals having polar molecules whereas 
iodine, sulphur, phosphorus and carbon dioxide form the molecular crystals containing non- 
polar molecules. Polar molecular solids have usually higher melting and boiling points as 
compared to non-polar molecular solids. 

Properties of the Molecular Solids 

X-ray analysis has shown the regular arrangements of atoms in constituent 
molecules of these solids, and wc get the exact posit ions of all the atoms. 

The forces, which hold the molecules together in molecular crystals, are very weak 
so they arc soft and easily compressible. 

They are mostly volatile and have low melting and boiling points. They are bad 
conductors of electricity, have low densities and sometimes transparent to light. Polar 
molecular crystals are mostly soluble in polar solvents, while non-polar molecular crystals 
arc usually soluble in non-polar solvents. 

Iodine is one of the best examples of a molecular solid. Let us discuss the structure 

or iodine molecule. 


Structure of Solid Iodine 

In the solid state the molecules of 
iodine align in the form of layer lattice. This is 
shown in Fig (4.19). I - 1 bond distance is 271.5 
pm and it is appreciably longer than in gaseous 
iodine (266.6 pm). As expected from its 
structure, iodine is a poor conductor of 
electricity. 







<1 

•d 

~ - 












Pig (4,19) Face centered cubic structure of iodine 
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4.7.4. Metallic Solids 

In order to explain properties of 
metallic solids various theories have been 
proposed. A few of them are mentioned here. 

The first theory of metallic bonding is 
called electron pool or electron gas theory. 
This theory was proposed by Drude and 
extended by Loren (1923). According to this 
theory, each atom in a metal crystal loses all of 
its valence electrons. These valence electrons 
form a pool or a gas. The positively charged 
metal ions are believed to be held together by 
electron pool or gas. These positively charged 
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Fig (4.20) Positive ions surrounded 
by mobile electrons 


ions occupy definite positions at measurable distances from each other in the crystal lattice. 
Valence electrons are not attached to any individual ion or a pair of ions rather belong to the 
crystal as a whole. These electrons are free to move about from one part of the crystal to the 
other. The force, which binds a metal cation to- a number of electrons within its sphere of 
influence, is known as metallic bond. The following Fig. (4.20)gives an idea of electron gas 


L. Pauling has tried to explain the metallic bond according to valence bond theory, 
according to this theory, the metallic bond is treated essentially as covalent in character. 
However, it is assumed that the covalent bonds are not localized but are highly delocalized in 
metal structure. 

Recently, molecular orbital theorv was applied to explain the characteristics of 
metallic solids. According to this theory it is assumed that the electrons in the completely 
filled orbitals are essentially localized, while atomic orbitals containing the valence 
electrons interact or overlap to form a set of delocalized orbitals. These delocalized orbitals 
are the molecular orbitals which extend over the entire crystal lattice. Such a combination of 


atomic orbitals produce as a large number nf closely spaced states. These states of energy 
are also known as bands of energy. That is why it is also called a band theory. The e.nerg\ gap 
between two bands determines the properties of the metallic solids. 
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Properties of Metallic Crystals 
Metals are good conductor of 
electricity. When electric field is 
applied between two ends of a metal 
then the mobile electrons begin to 
move towards the positive pole and the 
new electrons from the negative pole 
take their place Fig. (4.21a) 
Sometimes, the electrical conductivity 
of metals decrease with the increase in 
temperature. The reason is that with 



Fig (4.21a) Explanation of electrical 
conductivity of a metal 


the increase in temperature the positive metal ions also begin to oscillate and the motion 
hinders the free movement of mobile electrons between the positive ions. This hindrance 
decreases the electrical conductivity. 

Thermal conductivity is another property associated with metallic solids. When a 
piece of metal is heated at one end, the mobile electrons at this end absorb heat energy and 
move very rapidly through the metallic lattice towards the cooler end. During the process 
they collide with adjacent electrons and transfer their heat energy to them. 

Whenever the metals are freshly cut, most of them possess metallic luster which 
means that they have a shining surface. When light falls on the metallic surface, the incident 
light collides with the mobile electrons and 
they are excited. These electrons when dc- 
excited give off some energy in the form of 
light. This light appears to be reflected from 
the surface of the metal which gives a 
shining look. 


Metals are malleable and ductile 
whenever stress is applied on them. Their 
layers slip pass each other. The structure ol 
the metal changes without fracturing as 
shown in the Fig. (4.21b). 
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Fig(4.21b) Deformation of metal structures 


Structure of Metals 

In the previous article of metallic solids, we have learnt that metal atoms are 
arranged in definite pattern. Free electrons are roaming about in the crystal lattice. So a 
metal may be regarded as an assembly of the positively charged spheres of identical radii 
which are packed together to fill the space as completely as possible. 

To understand the closed packing of atoms in metal structures, let us suppose that 
the metal atoms are like hard spherical balls. Take twelve spherical balls and pack in a box as 
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shown in Fig (4.22 a). The spaces during the packing are 
larger. When the box is shaken, the balls will rearrange as 
shown in Fig (4.22 b). The arrangement of these balls are 
now stable and more closely packed. It is the natural 
tendency of the balls to have closely packed arrangement 
of eleven spheres after shaking. 

In order to understand, how various unit cells of 
the crystal lattice are developed, consider tliree balls 
which join together in one plane. The fourth ball is 
inserted in the space created by the other three as a 
second layer. In this way tetrahedral structure is 
obtained Fig (4.22 c). Actually, the fourth ball of the 
second layer is placed in the depression created by the 
first three balls. These depressions are also called 
interstices or crevices or voids. 1 ’ 

Consider the Fig (4.22 d') in which eleven balls of 
Fig. (4.22 b) arc present in the first layer (circles with 
shade). The balls of the second layer (circle without 
shade) can fit into the depressions or interstices created 
by the first layer. When the balls of the second layer are 
arranged, then all the depressions of the first layer are 
not occupied. There are two types of depressions as 'a 1 
and V. The depressions marked V are not occupied by 
the second layer and one can see the ground from 
looking at the top through depressions 'b'. The new 
depressions marked 'a' are created by the second layer. 
Through the depressions 'a', we can not see the ground, 
but balls of the first layer 

Now arrange the balls of third layer in the 
depression of second layer. 

When the balls of the th ird layer are placed above 
the second layer then there are two possibilities. 

Third layer balls may be accommodated in 'a- 
type or 'b’-type interstices or depressions. 




Fig (4.22 a) Packing of twelve 
sphere in a box (two 
dimensional view} 


spacing 



Fig (4.22 b)Paeking of eleven 
spheres in a box ( two 
dimentional view 


formation of a 
tetrahedral site, due to four balls 



packing of 
spheres, showing 11 balls in first 
layer and 6 balls in second layer. 


Sfy j Cubic Close Packing 

When the atoms of the third layer fit into the interstices marked b, then the atoms of 
the third layer will not lie directly above those of the atoms of first layer. This pattern of 

arrangement is called ABC ABC — or 123 123 — It is named as face 

centred cubic arrangement Fig. (4.23a). The halls of fourth, seventh and tenth layers will be 
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iii front of each other. 



Fat-e centred cubic arrangement (ABCABC . . ) 


= — tKjse packing 

tABAB . . . ) S 


(ll> 


Hexagonal Close Packing 

When the atoms of the third layer are arranged in such a way that they occupy the 
depressions created by the second layer i.e., in the 'a' types crevices then these atoms will 
IpTr 16 a k° vc ^ ie atoms layer. This pattern of arrangement is usually written as 
~~ nr 1212 ~ ■ Thls pattern has been named as hexagonal close packing 

r ig(4,23b). The balls of third, fifth, seventh layers will be in front of each other 


Comparison of Properties of Various Types of Crystals 

1 he following table gives a view to the comparison of properties of four types of crystals. 
Table (4;9) Type of Crystalline Solids 


Tvpe of 
Solid 


Metallic 


Ionic 


Molecular 


Network 

covalent 


Structural 
F&r tides 


cations plus 
delocalized 
electrons 


cations and 
anions 


molecules 
(atoms of 
noble gases) 

atoms 


Intermolecular 

Forces 


me La Hi c 
bonds 


electrostatic 

attractions 


London and /or 
dipole -dipole 
and / or 

hydrogen bonds 
covalent bonds 


Typical Properties 


hardness varies from soft to 
Very hard, niching pomes 

varied bom tow to very high; 
lustrous : ductile; malleable; r 
very good conductors of heat 
and electricity 
hard; moderate to very high 
melting points; nonconductors 
of electricity (but good electrical 
conductors in the molten state) 
soft; low melting points; 
nonconductors of heat and 
electricity; sublime easily 
hi many cases 

very hard; very high melting 
points; nonconductors of 
elecricity 


Examples 


Na; Mg; A1 
Fe; Zn; Cu; 
Ag; W 


NaCl; NaNO,; 
MgO 


noble -gas 
elements; 
CH 4 ; CO,; P 
S h ; I,; HjO 
C(diamond); 
SiC; SiO. 




no 


_ 


— 
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4.8 Determination of Avogadro's Number ( N, ) 

Avagadro number can be calculated in a number of different ways. One of the most 
accurate methods for determining this number is based on the study of crystalline solids. 

In order to calculate this number, we need to know the volume of one gram-mole ofa 
crystalline solid and the distance between its atoms or ions in the crystal lattice. 

The volume of one gram-mole of a solid can be calculated from its density while the 
spacing between its atoms can be measured by X-rays. 

The method of deteraiining Avogadro’s number is explained with a help of 
following solved example which gives a reasonably good value of this number. The crystal 
ol LiF is primitive cubic and can be used to calculate the Avogadro’s number. 

Example: 

The density of LiF is 2.65 g cm T It is made up of cubic array of alternate Li" and F 
ions and the distance between these ions is 2.01 A (2.01 x 10 s cm). Calculate the Avogadro’s 
number. 




Solution: 

The formula mass of LiF 




■e'o 0 







6.939 + 18.9984 
25.9374 g mol 1 
Density of LiF = 2.65 g cm" 

From the density and molar mass, calculate the volume of 1 mole of solid LiF 
The volume occupied 

by one formula unit of LiF = 25.9374 g mol 1 

2.65 g cm 1 

= 9.788 cnTmol' 1 

From this volume, we can calculate the edge length of the cube. 

For this, we suppose that 9.788cm* of LiF he., 1 mole of LiF is present in the form of 
a cube. The cube root of this volume will give the length of one edge of cube. 

Edge length of the cube - yf~ 9.788 cn? 

2.139 cm 

The number of ions of both Li' and F" on one edge length can be calculated by 
dividing the edge length by distance between ions. 

^ee * 00 

2.139 cm 

2.01 x 10"* cm ion 1 


Hence, the number of (Li + and F“) ions 
along one edge length 


- 1.064x10“ 

When we take the cubes of these ions we get the total number of ions Le. Li + and F 
in the cu be. 
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m\ * 

Total number (Li r F") of ions m the cube = 


* 


(1.064 x l() a ) J 
1.204x10** 


*o> 


Since the cube of LiF crystal contains one Avogadro’s number of Li and 
one Avogadro’s number of F\ so the Avogadro’s number will be 


1.204 x 10" 


0.02x10"' 


KEY POINTS 

1. Among three states of matter i.e. gases, liquids and solids, the inter molecular 
attractive forces in the gases are negligible. In liquids intermolecular forces are 
strong enough to keep the molecules close together. Anyhow, the molecules in 
liquids are free to move with respect to one another. In solids the particles occupy 
specific locations in three dimensional arrangement. Molecules in liquids are free to 
move with respect to one another. In solids the particles occupy specific locations in 
three dimensional arrangement. 

2. There are four types of intermolecular forces i.e. dipole-dipole forces, London 
dispersion forces, hydrogen bonding and Ion-dipole forces. The relative strengths 
of dipole-dipole and dispersion forces depend upon the polarity, polarisability, size 
and shape of the molecules. Hydrogen bonding occurs in compounds containing 
0-H,N - H, H - F bonds. 

4. The vapour pressure of a liquid measures the tendency of a 1 iquid to evaporate. It is 
the pressure exerted by the vapours on the surface of a liquid when the rate of 
evaporation is equal to the rate of condensation. A liquid boils when its vapour 
pressure equals the external pressure. 

5. Many crystalline solids melt to give a turbid liquid before melting to give a clear 
liquid. These turbid liquids possess some degree of order and are called liquid 
crystals. Liquid crystals have the fluidity of liquids and the optical properties of 
solids. 

6. In crystalline solids the particles are arranged in a regular and repeating manner. 
The essential structural features of a crystalline solid can be represented by its unit 
cell. The three dimensional array of points representing atoms, ions or molecules is 
called crystal lattice. The points in the crystal lattice represent positions in the 
structure where they have identical environments. 

7. The simplest unit cell is a cubic unit cell. There are seven crystal systems overall. 

8. The properties of solids depend on the arrangement of particles and the attractive 
forces between them. Ionic solids are hard and brittle and have high melting points. 
Covalent solids consist of atoms held together by covalent bonds and these bonds 
extend throughout the solid. They are hard and have high melting points. Metallic 
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sulids consist of metal cations immersed in a sea of electrons and give a wide range of 
properties. Molecular solids consist of atoms or molecules held together by 
intermolecular forces. 


Ql. 

(i) 


(ii) 


(iii) 




(iv) 


(v) 


Q2. 

(i) 

(ii) 

(iii) 

(iv) 

(v) 

(vi) 




EXERCISE 

(QUESTIONS OF LIQUIDS) 

Choose the best answers from the given choices. 

London dispersion forces are the only forces present among the 

(a) molecules of water in liquid state 

(b) atoms of helium in gaseous state at high temperature 

(c) molecules of solid iodine. 

(d) molecules of hydrogen chloride gas. 

Acetone and chloroform are soluble in each other due to 
i a) intermolecular hydrogen bonding (b) ion-dipole interaction 

(c) instantaneous dipole (d) all of the above 

NH, shows a maximum boiling point among the hydrides of Vth group 
elements due to 

(a) very small size ofnitrogen (b) lone pair of electrons present on nitrogen. 

(c) enhanced electronegative character of nitrogen 

(d) pyramidal structure of NH, 

When water freezes at 0 “C, its density decreases due to 

(a) cubic structure of ice (b) empty spaces present in the structure of ice 

(c) change of bond lengths (ri) change of bond angles 

In order to mention the boiling point of water at 110°C, the external pressure should be 
(a) between 760 torr and 1200 torr (b) between 200 torr and 760 ton- 
ic) 765 torr (d) any value of pressure 

Fill in the blanks with suitable words 

The polarizability of noble gases down the group and results in the increase 

in their boiling points. 

is developed in acetone and chloroform when they are mixed together. 

Exceptionally weak _ofHF is due to strong hydrogen bonding present in it 

The concept of dynamic equilibrium is the ultimate of all reversible systems 

AH, of C 6 H, 4 should be than that of C,H 6 . 


__ During the formation of ice from liquid water there is a % increase in volume 

I he rate of increase of vapour pressure of water _at high temperatures 

tvmj £ layer of ice on the surface of water, the water underneath for further heat loss 

Evaporation is a process. ' 


(ix) 

(x) 
Q3. 
(i) 


devices. 


Liquid crystals are used in the display of 
Indicate true or false as the case maybe 
Dipole-dipole forces are weaker than dipole-induced dipole forces. 


Liquids and Solids 


118 


(ii) 

(ui) 

(iv) 

(v) 

(vi) 

Mi) 

(viii) 

(is) 
(x) 


The ran d.pole interactions are responsible for the dissolution of an ,onic substance in 

£!££“ ,s responsib,e for its CHsten “ - **» - 
The strong hydrogen bonding in H 2 S makes it different from water. 

Hydrocarbons are soluble in water because they are polar compounds, 
ne viscosities of liquids partially depend upon the extent of hydrogen bonding 
estate of equilibrium between liquid state and vapours is dynamic in nature." 

Heat of vapourization of liquids depend upon the intermolecular forces of attraction 
present between their molecules. 1 tt t on 

Ice does not show any vapour pressure on its surface at -1 U C 
£ , , i^lingpoint of a liquid IS independent of external press twe ‘ 

Q4 (a) What type of intermolecular forces will dominate in the following liquids 

0) Ammonia, NH 3 (ii) Octane, C S H IS (iT Arson Ar 

Ov) Propanone, CH, C0CH 3 (v) Methanol, CH,OH 

« b) Propanone <CH 3 COCH 3 ), propanol (CHCIICHOH) and butane (CH 3 CH.CH CH. ) 

iave very similar relative molecular masses. List them in the expected order of 
mcreas^g boiling points. Explain your answer. expecrea order ot 

Explain the following wi th reasons. 

In the hydrogen bonded structure of HR which is the stronger bond' the shorter 
Jf V 3ent b ‘™ d 01 thc ionger hydrogen bond between different molecules 

W-ftlr ^ h° t l Wm t ej The ■ 1Sh m garden P ° nds owe their lives t0 hvdrogen bonding? 
Water and ethanol can mix easily and in all proportions. g ' 


Q.5 

Ci) 

(ii) 

(iii) 

(iv) 


; * 1 L LliailUi 1 easily and in al! propoi 

The origin of the intermolecular forces in water. 

RnVflv rnnuiHii*- 4.1 rr 


nr/ \ o ■ -i ■ — iutLCbJiiwaier. 

Bnefly constder some of the effects on our lives if water has only a very weak 
y dtngnn bonding present among its molecules. 

ieLf-T h f Ve ’ characteristic critical temperature. Above the critical 
SXt 31 s f„ S -. c ThC critical temperatures o, 

Hlf s trnnger intermolecular forces? Briefly explain your choiceT 6 ^ ^ ® as ^ as 

inreeliouids havp ^ _i . " . . 


Q7 


3 ) 

:ii) 

Si) 

5 v)| 


Molecular formula 
Pelative molecular mass (a.m.u.) 
Enthalpy change of 
vapourization (kj mol' 1 ) i 

_Boiling point (°Cj 


(a) 


Water 

A 

Propanone 

Pentane 

H.O 

18 

58 



72 

41.1 

81.9 

27.7 

100 

56 

36 


(i) 


water 
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(c) 

P,V V 


If the liquids are shaken together in pairs, 


(i) Which pair would be unlikely to mix? 

(ii) Explain this immiscibility in terms of the forces between the 
molecules. 

(iii) Choose one of the pairs that mix and say whether the enthalpy 
change on mixing would be positive or negative. 

Q8 Describe the various forces responsible for keeping the particles together in the 
following elements and compounds and their effects on physical properties making use of the 
data below. 


Q9 


Substance 

Formula 

Molar Mass (a.niHi.) 

M.PfCi 

Neon 

Ne 

20” 

-248 

Argon 

Ar 

40 

-189 

Water 

H,0 

18 

0 

Sodium fluoride 

NaF 

42 

993 

Diamond 

C 

12 

3350 


he boiling points and molar masses of hydrides of some first row elements are 


tabula Led below: 


Substance 

Boiling Point ( K) 

Molar Mass (g mol "‘) j 

ch 4 

109 

16 

NH, 

240 

17 

h 7 o 

373 

18 




Suggest reasons for the difference in their boiling points in terms of the type of 
molecules involved and the nature of the forces present between them. 

Q10 Explain the term saturated vapour pressure. Arrange in order of increasing 
vapour pressure: ldm J water, 1 dnV ethanol, 50 cm water, 50 cm 3 ethanol and 50 cm of ether 
Qll While a volatile liquid standing in a breaker evaporates, the temperature of the liquid 

remains the same as that of its surrounding. If the same liquid is allowed to vapourize into 
atmosphere in an insulated vessel, its temperature falls below that of its surrounding. 
Explain the difference in behaviour. 

Q12 How does hydrogen bonding explain the following indicated properties of the 


substances? 


(i) Structure of DNA (ii) Hydrogen bonding in proteins 

(iii) Formation of ice and its lesser density than liquid water 

(i v) Solubilities of compounds 

Q13 What are liquid crystals? Give their uses in daily life. 

Q14 Explain the following with reasons. 

(i) Evaporation causes cooling. 

(ii) Evaporation takes place at all temperatures. 

(iii) Boiling needs a constant supply of heat. 


(iv) Earthenware vessels keep water cool . 

(v) One feels sense of cooling under the fan after bath. 
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(vi ) Dynamic equilibrium is established during evaporation of a liquid in a dosed 
vessel at constant temperature. 

(vii) The boiling point of water is different at Murree hills and at Mount 
Everest. 

(Aiii) Vacuum distillation can be used to avoid decomposition of a sensitive 
liquid. 

Ox) Heat of sublimation of a substance is greater than that of heat of vaporization, 

(x) Heat of sublimation of iodine is very high. 


(QUESTIONS OF SOLIDS) 


Qi. 

(i) 


(ii) 


(b) 

(d) 


good conductivity in solid state, 
solubility in polar solvents. 


vQO 




Cm) 


(iv) 


(v) 


Q2. 

(i) 

(ii) 

(iii) 

(iv) 

(V) 

(vi) 


Multiple choice questions. 

Ionic solids are characterized by 
(a) low melting points. 

(c) high vapour pressures. 

.Amorphous solids 

(a) have sharp melting points. 

(b) undergo dean cleavage when cut with knife, 
have perfect arrangement of atoms. 

(d) can possesses small regions of orderly arrangement of atoms. 

The molecules of CCb in dry ice form the 

(al ionic crystals (b) covalent crystals 

(0 molecular crystals (d) any type of crystal 

Which of the following is a pseudo solid? 

(a) CaF, (b) Glass (c) NaCI (d) All 
Diamond is a bad conductor because 

(a) it has a tight structure (b) it has a high density 

there are no free electron present in the crystal of diamond to conduct 
electricity 

(d) . is transparent to light 
Fill in the blanks 

\ \ crystal lattice, the number of nearest neighbours to each atom is 
called the 

There are _ Bravis lattices. 

A pseudo solid is regarded as liauid. , 0 YS- V 


iV. 


sW 


; _ liquid. 

Glass may begin to cry stall ize by a process called 
Crystalline solids which exhibit the same 


called 

I he branch of science which deals with the 
crystals is called crystallography. 


p'qO' 

in all directions are 
— ~ : of 
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(vi) 

(vii) 


Polymorphism 
Transition temperature 
Symmetry 
Growing of a crystal 


Q6(a) 

b) 

Q7{a) 


Q.3 Indicate True. False as the case mav be 

( i ) (here are live parameters in unit ce! I dimensions of a crystal 

( ii) Ionic crystals are very hard, low volatility and very low melting and boiling points. 

(iii) The value of lattice energy of the ionic substances depends upon the size of ions* 

(ivj Molecular orbital theory of solids is also called band theory. 

(v) Ionic solid is good conductor of electricity in the molten state* 

Q A What are solids? Give general properties of solids* How do you differentiate between 
crystalline solids and amorphous solids? 

Q5fa) Explain the following properties of crystalline solids. Give three examples in 
each case* , 

(i) Anisotropy 

(ii) Cleavage 

(iii) Habit of a crystal ... 

(iv) Isomorphism 
(b) How poly morph ism and allotropy aie related to each other? Give examples* 
Define unit cell What arc unit cell dimensions? I low the idea of crystal 
lattice is developed from the concept of unit cell? 

Explain seven crystal systems and draw the shapes of their unit cells. 

What are ionic solids? Give their properties* Explain the structure of NaCl. Sketch a 
model to justify that unit cell of NaCl has four formula units in it* 

(b) What are covalent solids? Give their properties. Explain the structure of 
diamond* 

(c) What are molecular crystals? Give their properties. Justify that 
molecular crystals are softer than ionic crystals* 

Q8(a) Give different theories of a metallic bond. How does electron sea theory 

justifies the electrical conductivity thermal conductivity and shining surfaces of 
metals? 

(b) Explain with the help of a diagram 

(i) Cubic close packing in the structure of metals* 

(ii ) Hexagonal close packing in the structure of metals. 

Q9 Crystals of salts fracture easily but metals are deformed under stress without 
fracturing. Explain the difference. 

Q1 0 What is the coordination number of an ion? What is the coordination number of the 

cation in (a) NaCl structure and (b) CsCl structure? Explain the reason for this difference? 
Gil Give examples of ionic solids, molecular solids and covalent macromolecuiar solids. 
What are the factors which determine whether each of these types of solid will dissolve in 
water or not? 

Q12 Explain the following with reasons: 

(i) Sodium is softer than copper, but both are very good electrical conductors. 

(ii) Diamond is hard and an electrical insulator. 

(iii) Sodium chloride and caesium chloride have different structures. 

(iv) Iodine dissolves readily in teterachloromethane. 
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: ; — vapoui pressures of solids arc far less than those of liquids. 

(vi) Amorphous solid like glass is also called super cooled liquid. 

(vii) Cleavage of the crystals is itself anisotropic behaviour. 

(vin) The crystals showing isomorphism mostly have the same atomic 
ratios. 

tixj The transition temperature is shown by elements having ailotropic 

forms and by compounds showing polymorphism. 

(x) One of the unit cell angles of hexagonal crystal is 120". 

The electrical conductivity of the metals decrease by increasing 
temperature. 

<xu) In the closest packing of atoms of metals, only 74% space is 
occupied. 

(xiii) Ionic crystals don't conduct electricity in the solid state. 

(xiv) Ionic crystals are highly brittle. 

(xv) The number of positive ions surrounding the negative ion in the 
ionic crystal lattice depends upon the sizes of the two ions 



>X)° 


^c\QS 




* 
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Chapter 

ATOMIC STRUCTURE 


5.1 SUB-ATOMIC PARTICLES OF ATOM 

We arc familiar with the nature of matter, which is made up of extremely small 
particles called atoms. According to Dalton's theory, atoms were considered to be ultimate 
particles which could not be divided any further. Our ideas about structure of atom have 
undergone radical changes over the years. A number of subatomic particles have been 
discovered. The experiments which led to the discovery of electron, proton and neutron are 
described below. . - oW 


5.1.1 Discovery of Electron (Cathode Rays) 

A gas discharge tube is fitted with two metallic electrodes acting as cathode and 
anode. The tube is filled with a gas, air or vapours of a substance at any desired pressure. The 
electrodes are connected to a source of high voltage. The exact voltage required depends 
upon the length of the tube and the pressure inside the tube. The tube is attached to a vacuum 
pump by means of a small side Lube so that the conduction of electricity may be studied at any 
value of low pressure Fig (5.1). 

It is observed that current does not flow through the gas at ordinary pressure even at 
high voltage of 5000 volts. When the pressure inside the tube is reduced and a high voltage of 
5000-10000 volts is applied, then an electric discharge Lakes place through the gas producing 
a uniform glow inside the tube. When the pressure is reduced further to ahout 0.01 torr, the 
original glow disappeares. Some rays are 


produced which create fluorescence on the 
glass wall opposite to the cathode. These 
rays are called cathode rays. The colour of 
the glow or the fluorescence produced on 
the walls of the glass tube, depends upon the 
composition of glass. 

£ 00 ' 

5. 1.2 Properties of Cathode Rays 

To study the properties of cathode 
rays systematic investigations were made 
by many scientists. They established the 
following properties of cathode rays. 


Fig (5.1) Production of the cathode rays 
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Cathode 


Anode 


1. Cathode rays are negatively 
charged. In 1895, j Perrm showed that when 
the cathode rays passed between the poles 
of the magnet, the path of the 
charged particles was curved downward to 
point 2 by the magnetic field. Fig (5.2) 

In 1897, J. Thomson established 
their electric charge by the application of 
electric field, the cathode ray particles were 
deflected upwards (towards the positive 
plate) to point 3. Fig. (5.2) 

Thomson found that by carefully 
controlling the charge on the plates when 

the plates and the magnet were both around the tube, he could make the cathode rays strike 
the tube at point 1 again Kig.(5.2). In other words, he was able to cancel the effect of the 
magnetic field by applying an electric field that tended to bend the path of the cathode ravs hi 


Magnei 


Fig (5.2) Deflection of cathode rays 
in electric and magnetic fields 


the opposite direction. 

2. They produce a greenish fluorescence 
on striking the walls of the glass lube. These 
rays also produce fluorescence in rare earths 
and minerals. When placed in the path of these 
rays, alumina glows red and Lin stone yellow'. 

3. Cathode rays cast a shadow when an 
opaque object is placed in their path. This 
proves that they travel in a straight line 
perpendicular to the surface of cathode Fig (5.3). 

4. These rays can. drive afsmall paddle 
wheel placed in their path. This shows that 
these rays possess momentum. From this 
observation, it is inferred that cathode rays 
are not rays but material particles having a 
definite mass and velocity Fig (5.4). 

5. Cathode rays can produce X-rays 
when they strike an anode particularly with 
large atomic mass Fig (5. 18). 

6. Cathode rays can produce heat when 


Lumi ntrsuer tut? Vacuum 



Fig (5*3) Cathode rays east a 
shadow of an opaque object 


Vacuum 



Fig (5.4) Cathode rays derive 
a small paddie wheel 

they fall on matter e.g. when cathode rays from a concave cathode are focussed on a platinum 
foil, it begins to glow, 

7. Cathode rays can ionize gases. 

8- They can cause a chemical change, because they have a reducing effect. 

9. Cathode rays can pass through a thin metal foil like aluminum or gold foil. 
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10. The e/m value of cathode rays shows that they are simply electrons. 

J .J. Thomson concluded from his experiments that cathode rays consist of streams of 
negatively charged particles. Stoney named these particles as electrons. Thomson also 
determined the charge to mass ratio (e/m) of electrons. He found that the e/m value remained 
the same no matter which gas was used in the discharge tube. He concluded that all atoms 
contained electrons. 


Positive rays being produced 
as a result of ionization 
of gas molecules 


Cathode rays 
originating from 


5.1.3 Discovery of Proton ( Positive Rays) 

In 1 886, German physicist, h. Goldstein took a discharge tube provided with a 
cathode having extremely fine holes in it. 

When a large potential difference is 
applied between electrodes, it is 
observed that while cathode rays are 
travelling away from cathode, there are 
other rays produced at the same time. 

These rays after passing through the 
perforated cathode produce a glow on 
the wall opposite, to the anode. Since 
these rays pass through the canals or the 
holes of cathode, they are called canal fog (5.5) Production of positive rays 

t ay s. 1 hese rays are named as positive rays owing to the fact that they carry positive charge 
Fig (5.5). 



Gkjw produced 
by positive rays 


To vacuum 
pump 


Reason for the Production of Positive Rays 

I hese positive rays are produced, when high speed cathode rays (electrons) str ike 
the molecules of a gas enclosed in the discharge tube. They knock out electrons from the gas 
molecules and positive ions are produced, which start moving towards the cathode Fig (5.5). 

M + e ► M + +2e' 


5.1.4 Properties of Positive Rays 

1. They are deflected by an electric as well as a magnetic field showing, that these are 
positively charged. 

2. These rays travel in a straight line in a direction opposite to the cathode rays. 

3- They produce flashes on ZnS plate. 

The e/m value for foe positive rays is always smaller dian that of electrons and depends upon 
the nature of the gas used in the discharge tube. Heavier die gas, smaller die e/m value When 
hydrogen gas is used in the discharge tube, the c/m value is found to lie the maximum in 
comparison to any other gas because the value of iff is the lowest for the positive particle 
cfotained from die hydrogen gas. Hence the positive particle obtained fan hydrogen gas is die 
lightest fflnoog till the positive particles. This particle is called pitton, a name suggested by 
Rutherford. 

The mass of a proton is 1836 times more than that of an elect ron. 
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5.1.5 Discovery of Neutron 

Proton and electron were discovered in 1886 and their properties were completely 
determined till 1895. It is very strange to know that upto 1932 it was thought that an atom 
was composed of only electrons and protons. Rutherford predicted in 1920 that some kind of 
neutral particle having mass equal to that of proton must be present in an atom, because he 
noticed that atomic masses of atoms could not be explained, it it were supposed that atoms 
had only electrons and protons, 

Chadwick discovered neutron in 1932 and was awarded Nobel prize in Physics m 1935. 
Experiment 

A stream of a -par tides produced from a polonium source was directed at beryllium 
(.Be) target. It was noticed that some penetrating radiation were produced. These radiations 
were called neutrons because the charge detector showed them to be neutral Fig (5.6). The 
nuclear reaction is as follows. 


Polonium metal, a 
source ofa-particles 




2 He 4 4 Be 

(a -partide) 


a -Particles 


« C + on 





Beryllium target 
I (* Be) 






Neutrons Charge detector 

I i 

O KD ► 



O O ► 


Lead Block 

1* ig (5.6) Bombardment of Btt with a- particles and discovery of neutron 
Actually a-particles and the nuclei of Be are re-arranged and extra neutron is emitted. 
5.1.6 Properties of Neutron 

Free neutron decays into a proton ( ,P)with the emission of an electron ('e) and a 
neutrino f/i). 

,(H— -k-jl + + „n 

Neutrons cannot ionize gases. 

Neutrons are highly penetrating particles. 

They can expel high speed protons from paraffin, water, paper and cellulose. 
When neutrons travel with an energy 1,2 Mev, they arc called fast neutrons but with 
energy below lev are called slow neutrons. Slow neutrons are usually more 
effective than fast ones for the fission purposes. 

\\ hen neutrons are used as projectiles, they can carry out the nuclear reactions. A 
fast neutron ejects ana-particle from the nucleus of nitrogen atom and boron is 


2 . 





■V 


6 . 
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produced, alongwith and a-partides. 

u \i 1 11 t \ irt 

-N + 0 n — * B -I- He 

/. When slow moving neutrons hit the Cu metal then y radiations are emitted* 
The radioactive “Cu is converted into m^ n 

i. 9 Cu + „n — ► -Cu + hv (y -radiations) 

.\ctimijy. neutron is captured by the nucleus of|Cu and “Cu is produced. This radio active^Cu 
emits an electron ((j-particle) and its atomic number increases by one unit Because 
of their intense biological effects they are being used in the treatment of cancer. 

5.1.7 Measurement of Value of Electron 

In 1897, J.J Thomson devised an instrument to measure the e/m value of electron. 
The apparatus consists of a discharge tube shown in Fig. (5.7). The cathode rays are allowed 
to pass through electric and magnetic fields. When both the fields are off then a beam of 
cathode rays, consisted of electrons, produces bright luminous spot at P t on the fluorescent 
screen. 1 lie north and south poles of magnetic field are perpendicular to tljc plane of paper in 
the diagram. The electrical field is in the plane of paper. When only magnetic field is applied, 

the cathode rays are deflected in a 
circular path and fall at the point P,. 

When only electric field is applied, 
the cathode rays produce a spot at 
P ,. Both electric and magnetic fields 
are then applied simultaneously and 
their strengths adjusted in such a 
way that cathode rays again hit the 
point P,. 

In this way by comparing 

the strengths of the two fields one 

can deterrhinc the e/m value of 

electrons. Tt comes out to be 
* 

l. i 588 x 10 n coulombs kg' 1 . This means that 1 kg of electrons have 1.7588 x 10 11 
coulombs of charge. 

5.1.8 Measurement of Charge on Electron - Millikan's Oil Drop Method 

In 1909, Millikan determined the charge on electron by a simple arrangement. 
The apparatus consists of a metallic chamber. It has two parts. The chamber is filled with air. 
the pressure of which can be adjusted by a vacuum pump. There are two electrodes A and A 1 
These electrodes are used' to generate an electrical field in the space between the 


Beam of otectrons 


Cathode (- 


Evacuated 

discharge bulb 


Anode 

s/ Flouresc&rit 
e screen 



(deflection 
duo to 
"electrical 
field) 


Magnetic 

field 


Pi (dotted ion 
due to 
magnetic 
fietd) 


- Cathode 


Plate generating 
electric field 

Fig (5.7) Measurement of e/m value 
of an electron by J.J. Thomson 
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electrodes. The upper electrode has a hole in it as shown in Fig (5.8). 

A fine spray of oil droplets is created by an atomizer. A few droplets passes through 
the hole in the top plate and into the region between the charged plates, where one of them is 
observed “though a microscope. This droplet, when illuminated perpendicularly to the 
direction of view', appears in the microscope as a ' M9!a,llc 

Jri 1 L-hcannhjsr Sm + av tit 

bright speck against a dark background. The 
droplet falls under the force of gravity without 
applying the electric field. The velocity of the 
droplet is determined. The velocity of the droplet 
(v,) depends upon its weight, mg. 

v nig .(1) 

where ’m' is the mass of the droplet and 'g' is the 
acceleration due to gravity. After that the air Fig (5.8) Millikan's oil drop method for 
between the electrodes is ionized by X-rays. The determination of charge of electron 

droplet under observation takes up an electron and gets charged. Now, connect A and A’ to a 
battery which generates an electric field having a strength, E. The droplet moves upwards 
against the action of gravity with a velocity (v 2 ). 

Ee-mg (2) 

where 'e' is the charge on the electron and Ee is the upward driving force on the droplet due 
to applied electrical field of strength E. 

Dividing equation (1) by (2) 



v, _ mg 


(3) 


v 2 Ee - mg 

The values of and v, are recorded with the help of microscope. The factors like g and E are 
also known. Mass of the droplet can be determined by varying the electric field in such a way 
that the droplet is suspended in the chamber. Hence 'e' can be calculated. 


By changing the strength of electrical field, Millikan found that the charge on each 
droplet was different. The smallest charge which he found was 1.59 x 10 “ coulombs, which 
is very close to the recent value of 1.6022 x 10 “ coulombs. This smallest charge on any 

droplet is the charge of one electron. The other drops having more than one election on 
them, have double or triple the amount of this charge. The charge present on an electron is 
the smallest charge oi electricity' that has been measured so far. 


Mass of Electron 

The value of charge on electron is 1.602 x 10 “ coulombs, while e/m of electron is 
1.7588 x 10“ coulombs kg' 1 . So, 


o _ 1.6022 x 10 “ coulombs 
m 


Rearranging 


Mass of electron 
Mass of electron— 


— 1.7588 x 10 1 coulombs kg' 1 
1.6022 x 10 “ coulombs 


1.7588 x 10 11 coulombs kg 
Mass of electron - 9.1095 x 10' 31 kg 
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Properties of Fundamental Particles 

The Table (5.1) shows the properties of three fundamental particles electron, 
proton and neut ron present in an atom. 


Table (5.1 > Properties of three fundamental particles 


Particle 

Charge 

(coal) 

Relative 

charge 

Mass 

(kg) 

Mass 

(amu) 

Proton 

+ 1.6022 x 10 13 

+ 1 

1.6726 X 10 17 

1 .0073 

Neutron 

0 

0 

1.6750 x 10' 

1.0087 

Electron 

-1.6022 x 10' 19 

-1 

9.1005 x 10” 

5.4858 x lO' 1 


5.2 Rutherford's Model of Atom (Discovery of Nucleus) 

In 1911, Lord Rutherford performed a 
classic experiment. He studied the scattering 
of high speed u-par tides, which were emitted 
from a radioactive metal (radium or polonium) 

A beam of a-particlcs was directed onto 
a gold foil of 0.00004 cm thickness as target 
through a pin-hole in lead plate, Fig (5.9). 

A photographic plate or a screen coated 
with zinc sulphide was used as a detector. 

Whenever, an a-partiele struck the screen, a Rutherford’s experiment for 

flash of light was produced at that point. It was scattering of a -particles 

observed that most of the particles went through the foil undeflected. Some were deflected 
at fairly large angles and a few were deflected backward. Rutherford proposed that the 
rebounding particles must have collided with the central heavy portion of the atom which he 
called as nucleus. 



On the basis of these experimental observations, RuLherford proposed the planetary 
model (similai to the solar system) for an atom in which a tiny nucleus is surrounded by an 
appropriate number of electrons. Atom as a whole being neutral, therefore, the nucleus must 
be having the same number of protons as there are number of electrons surrounding it. 

In Rutherford's model for the structure of an atom, the outer electrons could not be 
stationary. If they were, they would gradually be attracted by the nucleus till they ultimately 
tall into it. Therefore, to have a stable atomic structure, the electrons were supposed to be 

moving around the nucleus in closed nrhi+« tk„ r 

big step ahead towards understanding the t nuclear atom of Rutherford was a 
electrons remained ^ ^ 



Atomic Structure 


125 



Rutherford's planct-likc picture was 
defective and unsatisfactory because the moving 
electron must be accelerated towards the nucleus 
Fig (5.10). 

Therefore, the radius of the orbiting 
electron should become smaller and smaller and 
the electron should fall into the nucleus. Thus, an 
atomic structure as proposed by Rutherford 
would collapse. 


Electron 



Loss of energy 
by an electron 


Nucleus 


Fig (5.10) Rotation of electron around the 
nucleus and expected spiral path 


& 




5.3 PLANCK’S QUANTUM THEORY 

Max Planck proposed the quantum theory, in 1900 to explain the emission and 
absorption of radiation. According to his revolutionary theory, energy travels in a 
discontinuous manner and it is composed of large number of liny discrete units called 
quanta. The main points of his theory are: 

(i) Energy is not emitted or absorbed continuously. Rather, it is emitted or absorbed in a 
discontinuous manner and in the form of wave packets. Each wave packet or 
quantum is associated with a definite amount of energy'. In case of light, the quantum 
of energy' is often called photon. 

(ii ) The amount of energy 7 associated with a quantum of radiation is proportional to the 

frequency (v) of the radiation. Frequency is the number of waves passing through a 
point per second. 

E oc v 

E — hv (4) 

Where 'h' is a constant known as Planck's constant and its value is 
6.626x10 *’Js. It is, in fact, the ratio of energy and the frequency of a photon. 

(iii) A body can emit or absorb energy only in terms of quanta . 

E = hv 

The frequency V ' is related to the wavelength of the photon as 

v — c/X 

Greater the wavelength, smaller the frequency of photon 

So. E = hq/X (5) 

Wavelength is the distance between the two adjacent crests or troughs and 
expressed in A, nmorpm. (lA=lt) "m, lnm = 10 m, lpm -1 (Am) 

Greater the wavelength associated with the photon, smaller is its energy. Wave 
number (v) is the number of waves per unit length, and is reciprocal to wavelength. 

v — 1/X 

Putting the value of X in equation (6) 

E = h c v (6) 

So, the energy of a photon is related to frequency, wavelength and wave number. 
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Greater the wave number of photons, greater is the energy associated with them. The 
relationships of energy, frequency, wavelength, wave number about the photon of light are 
accepted by scientists and used by Bohr in his atomic model. 

5.4 BOHR’S MODEL OF ATOM 

Bohr made an extensive use of the quantum theory of Planck and proposed that the 
electron, in the hydrogen atom, can only exist in certain permitted quantized energy levels. 
The main postulates of Bohr's theory are: 

(0 Electron revolves in one of the circular orbits outside the nucleus. Each orbit has a 
fixed energy and a quantum number is assigned to it. 

Electron present in a particular orbit neither emits nor absorbs energy while moving 
m the same fixed orbits. The energy is emitted or absorbed only when an electron 
jumps from one orbit to another. 

( 111 ) When an electron jumps, the energy change AE is given bythe Planck's equation 

AE = E, - Ej - hv (7) 

Where AE is the energy difference of any two orbits with energies E, and E„. 
Energy is absorbed by the electron when it jumps from an inner orbit to an 
outer orbit and is emitted when the electron jumps from outer to inner orbit. 

Electron can revolve only in those orbits having a fixed angular momentum (mvr) 
ihe angular momentum of an orbit depends upon its quantum number and it is an 
integral multiple of the factor h/2n i.e, 

mvr (8) 

Where n = 1,2,3, 71 

Tne permitted values ot angular momenta are, therefore, h 2h 3h 

The electron is bound to remain in one of these orbits and not in betwee^them So angular 
momentum is quantized. 

Derivation of Radius and Energy of Revolving Electron in nth Orbit. 

By applying these ideas, Bohr derived the expression for the radius of the nth orbit in 
hydrogen atom. 

For a general atom, consider an electron 
of charge ’e’ revolving around the nucleus having 
charge Zc . Z being the proton number and e' is 
the charge on the proton, Fig (5.11). 

Let m be the mass of electron, r the radius of the 
orbit and v the velocity ot the revolving electron, 

According to Coulombs law, the electrostatic 
force of attraction between the electron and the 
nucleus will be given by the following formula: 


Centrifugal fores = 

/ r 


Force of attraction = 



Fig (5.11) Electron revolving in an atom 
with nuclear charge Ze' 

(If Z — 1, then the picture is for H-atom) 
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4Jl€/ 4Jie/ 

€ is the vacuum permittivitv and its value is 8.84 x lO'^C'J'm '.This force of attraction is 
— ■ v % 

balanced bv the mv\ Therefore, for balanced conditions, we can write 

r 

mv" _ Ze" 
or 


Rearranging the equation (9) 


r 4 tt€/ 



2 Ze J 
mv = - 


(9) 

4tt€ 0 r 



r _ Ze 2 


(10) 




4Jt€ l) mv 

According to equation (10), the radius of a moving electron is inversely proportional to the 
square of its velocity. It conveys the idea, that electron should move faster nearer to the 

nucleus in an orbit of smaller radius. It also tells, -that if hydrogen atom has many possible 
orbits, then the promotion of electron to higher orbits makes it move with less velocity. 

The determination of velocity of electron is possible while moving in the orbit. In 
order to eliminate the factor of velocity from equation (10), we use Bohr's postulate (iv). The 
angular momentum of the electron is given by. ■ 


mvr - -Sh- 
all 




Rearranging the equation of angular momentum 

nh 


v — 7 


Taking square 


v" = 


2 r. mr 
irh 2 - 


4?r mV’ 

Substituting the value of v" from cq. (11) into eq. (10), we gel 

Ze x 4.: mV 
4Jie mnV 

Rearranging the above equation, we get 

€„nV 
Jtm Ze* 

For hydrogen atom Z - 1, so the equation for radius of 11-atom is 

:nO 


( 11 ) 


(12) 


>e'o° 


r = 


€„n h , e h 


Timer 


- ( t:U W 

— t h jn 






Time 


(13) 


According to the equation (13), the radius of hydrogen atom is directly proportional 
to the square of number of orbit ( 11 ). bo, higher orbits have more radii and vice versa. The 
collection of parameters (V^f ) m equation (13) is a constant factor. 
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When we put the value of €, , Jr ir, m and c 2 alongwith the units then the ca 
that it is equal to 0.529 x 10 10 m or 0.529 A.(10' lo m =lA) 



show 


r = 0.529 A(n 2 ) (14 ) 

By putting the values of nas 1,2, 3, 4 the radii of orbits of hydrogen atom are 

n=l r,= 0.529 A n=4 r,=8.4 A 

n=2 r,— 2.11 A n=5 r, =13.22 A 

n=3 r 3 =4.75 A 

The comparison of radii shows that the distance between orbits of H-atom goes on 
increasing as we move from 1st orbit to higher orbits. The orbits are not equally spaced " 
r *-r, <r,-r 2 <r,-r 3 < 

The second orbit is four times away from the nucleus than first orbit third orbit is 
nine times away and similarly fourth orbit is sixteen times away. 

Energy of Revolving Electron 

the total energy of an electron in an orbit is composed of two parts the kinetic 
energy which is equal to±mv J and the potential energy. The value of potential energy can be 
calculated as follows. 

The electrostatic force of attraction between the nucleus and the electron 
is given by — ^ ^ . If the electron moves through a small 
done for moving electron is given by 



then the work 


Zer_ 

4W r 2 


dr because work - (force x distance) 


In order to calculate the potential energy of the electron at a distance r from the 
nucleus, we calculate the total work done for bringing the electron from infinity to a point at a 

can he obtained by inlegrating the 

r_Zejir__ Ze!_ [ jdk = Ze 3 f -11 Ze 

- 4JT€y 4JT€ o =0 t* 47T€ 0 l r ^ 4JI€ 0 [ r J 4?re.r 


1 he work done is the potential energy of electron, so 

_ -Ze* 


Work done 


= E 


f pot cuts 3 


4JT€ iV r 


(15) 




. i . } he nil ™ S Slgtl mdlcates t!iat lhe Potential energy of electron decreases, when it is 
brought from infinity to a point at a distance V from the nucleus. At infinity, the electron is not 

n''irer rhe UeC ^ ^uT ^ thC potential encr & of the system is zero. Whereas at a point 

. , Tde nucleus, it will be attracted by the nucleus and the potential energy becomes less 

by eq^ton U5) isne^tWe S Zer0 * S negative * For this reaso11 ’ the potential energy given 

I he total energy (E) of the electron, is the sum of kinetic and potential charges'. 
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So, 

( 0 ° 



r 


P = £ Ip 

kinetic ^'pnrenEjal 

2 47T€„r 




A# 


0 ^ s 

(16) 
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Now, we want tn eliminate the factor of velocity from equation (16). So, from equation (9) 
substitute the value of mv 2 in eq. (16) 


Since 


mv 2 = -Zel 

4Jie r 


(9) 


Simplifying it, 


E = 
E = 


Ze : 


Ze 2 


H^e„r 4Jt€„r 

_Ze" 

8Jre„r 


Now substitute the value of r from eq (12) into eq (17) we get 

_ e..n z h 2 

Since r - 


,o°^ V 




E. = 


Jtm Ze 2 

-mZV 

86;nV 


(17) 


(12) 


ii ! lfJ ' 

Where E„ is the energy of nth orbit. 

Por hydrogen atom , the number of protons in nucleus is one, so( Z~l ). 

E = - 


„ 




me 1 

[1 ] 

8€ fl z h 2 

n s J 


(19) 

Eq.(19) gives the energy of electron revolving arou nd the nucleus of hydrogen atom, 
he factors outside the brackets in equation (19) are all constants. When the values 
of these constants are substituted along with their units, then it comes out to be 2 178 x TO' 1 " 1 
I he equation (19) can be written as, ' 


E n - -2.178 x 10 ' 


n J 


J 


(20) 


This equation (20) gives the energy associated with electron in the nth orbit of 
hydrogen atom. Its negative value shows that electron is bound by the nucleus i.e. electron is 
under the force of attraction of the nucleus. Actually, the electron has been brought from 
infinity to distance r from the nucleus. 

millH , T !l e V . alue °f encr Sy ^ btained f0! ' the electron is in joules/atom. If, this quantity is 
multiplied by Avogadro s number and divided by 1000, the value of E„ will become 


6.02xl0“ 1 x2.18xl0 ls 

• SoT — x 

E„ = . 1313^315 kJmor , 


Li 

n 2 


kjmol' 


(21) 
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This energy is associated with 1.008g of H-atoms i.e. with Avogadro's number of 
atoms of hydrogen. 

Substituting, the values of n as 1, 2,3,4, 5, etc. in equation (21), we get the energy 
associated with an electron revolving in 1st, 2nd, 3rd, 4th and 5th orbits of H-atom. 

E. = - - -1313,31 kjmol 1 

E, = - m3 - 31 = -328.32 kjmol ' 

2r 


= -82.08 kjmol 1 




F 

1313.31 

"3 — 

3‘ 

e 4 = 

E = 

1313.31 

4* 

1313.31 



E = 

1313.31 

Me 

QO 2 


=- 0 kj mof 1 {electron is free from the nucleus) 

The values of energy differences between adjacent orbits can be calculated as foil 
Ej-E, = (-328.32) - (-1313.31) - 984.99 kjmol 1 

E, - E., - (-145.92) - (-328.32) =182.40 kjmol 1 -to°' 






ow 8) \C 



E,-E, - (-82.08) - (-145.92) = 63.84 kjmol ' 

The differences in the values of energy 
go on decreasing from lower to higher orbits. 

E a - E, > E 3 - E., > E^- E 3 > 

The energy difference between first and 
infinite levels of energy is calculated as: 

E„ - Ei = 0 - (-1313.31) - 1313.31 kjmol 1 
13 13. 31 kjmol 1 is the ionization energy of 
hydrogen. This value is the same as determined 
experimentally. 

These values show that the energy 
differences between adjacent orbits of Bohr's 
model of hydrogen atom go on decreasing sharply. 

H _ 

Keep in mind, that distances between adjacent orbits increase. The Fig {5. 12) 
makes the idea clear. 

5.5 SPECTRUM 

When a radiation of light is passed through a prism, the radiation undergoes 
refraction orbending. The extent of bending depends upon the wavelength of the photons. A 
radiation of longer wavelength is bent to a smaller degree than the radiation of a shorter 
wavelength. Ordinary, white light consists of radiation of all wavelengths, and so after 


Fig (5,12) Energy values associated with an 
electron in various orbits in hydrogen atom. 
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passing through the prism, white light is 
splitted up into radiations of different 
wavelengths. 

The colours of visible spectrum are 
violet, indigo, blue, green, orange, yellow and 
red and their wavelengths range from 400 nm 
to 750 nm. In addition to the visible region of 
the spectrum, there are seven other regions. 
Ultraviolet, X-rays, y-rays and cosmic rays are 
towards the lower wavelength end of the 
spectrum and they possess the photons with 
greater energies. On the other side of the 
visible region, there lies infrared,' microwave 
and radio frequency regions. Fig. (5.13) shows 
the continuity of wavelengths for all types of 
regions of spectrum. Hence, a visual display 
or di spersion of the components of white light, 
when it is passed through a prism is called a 
spectrum. * 

Spectrum is of two types. 

(i) Continuous spectrum 

5.5.1 Continuous Spectrum 
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Fig (5.13) The visihle and other 
regions of spectrum 


(ii) Line spectrum 


In this type of spectrum, the Imundry line between the colours cannot Ire marked. The 
colours diffuse into each other. One colour merges into another without any dark space. The best 
example of continuous spectrum is rainbow. It is obtained from the light emitted by the sun or 
incandescent (electric light) solids. It is the characteristic of matter in bulk. 


5.5.2 Atomic or Line Spectrum 

hen an element or its compound is volatilized on a flame and the light emitted is 
seen through a spectrometer, we see distinct lines separated by dark spaces. This type of 
spectrum is called line spectrum or atomic spectrum. This is characteristic of an atom. The 
number of lines and the distance between them depend upon the element volatilized. For 
example, line spectrum of sodium contains two yellow coloured lines separated by a definite 
distance. Similarly, the spectrum of hydrogen consists of a number of lines of different 
colours having different distances from each other. It has also been observed that distances 
between the lines for the hydrogen spectrum decrease with the decrease in wavelength 
and the spectrum becomes continuous after a certain value of wavelength Fig (5.14). 

Visible Region 

Wa vo length In nm — increases 

iiiiiiniimm 

Fig (5.14) Atomic spectrum of hydrogen 
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Atomic spectrum can also be observed when elements in gaseous state are heated at 
high temperature or subjected to an electric discharge. 

' I 'here are two ways in which an atomic spectrum can be viewed. 

(i) Atomic emission spectrum 

(ii) Atomic absorption spectrum 

5.5.3 Atomic Emission Spectrum 

When solids are volatilized or elements in their gaseous states are heated to high 
temperature or subjected to an electrical discharge, radiation of certain wavelengths are 
emitted. 1 he spectrum of this radiation contained bright lines against a dark background. 

1 his is called atomic emission spectrum. Fig (5.15) 





>! 0 0< 


Energy 




Fig (5.15) Atomic emission spectrum 

5.5.4 Atomic Absorption Spectrum 

When a beam of white light is passed through a gaseous sample of an element, the 
element absorbs certain wavelengths while the rest of wavelengths pass through it. The 
spectrum of this radiation is called an atomic absorption spectrum. The wavelengths of the 

radiation that have been absorbed by the element appear as dark lines and the background is 
bright, rig (5.16). 


>X»° 


l 0 vs - 9 




Electromagnetic 
radiation — -► y 



Atoms or molecule 


Only some of 
the radiation 
gets through 


Increasing wavelength 

-+ 




Hg (5.16) Atomic absorption spectrum 


It is interesting to note that the positions or the wavelengths of lines appearing in 
both emission and absorption spectra are exactly the same. In emission spectrum, these 
lines appear bright because the corresponding wavelengths are being emitted by the 
c ement, whereas they appear dark in absorption spectrum because the wavelengths are 
*’■ :ng absorbed by the element. 
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5.5,5 Hydrogen Spectrum 

Hydrogen-spectrum is an important example of atomic spectrum. Hydrogen is filled 
in a discharge tube at a very low pressure a bluish light is emitted from the discharge tube. 
This light when viewed through a spectrometer shows several isolated sharp lines. 

These are called spectral lines. The wavelengths of these lines lie in the visible, 
ultraviolet and infrared regions. These spectral lines can be classified into five groups called 
spectral series. These series are named after their discoverers as shown below. 

(i) Lyman series (U.V region) (ii) Balmer series (visible region) 

(iii) Paschen series (I.R region) (iv) Brackett scries (T.R region) 

(v) Rfund series (I.R region) 

The first four series were discovered before Bohr’s atomic model (1913). The 
wavenumbers (m ') of the series of lines in hydrogen spectrum are given in Table (5.2). 

It is seen from the Table (5.2) that as we proceed from Lyman series to Pfund series, 
the wave numbers (iri 1 ) of spectral lines decrease. The lines of Balmer series have been 
given specific names as H ol H |t etc. 


Table (5.2)Wave numbers ( m ' ) of various series of hydrogen spectrum. 


Lyman series 
(U.Y region) 

Balmer series 
{Visible region) 

Paschen series 
(I.R. region) 

Brackett series 
(I.R* region) 

Pfund series 
(I.R. region) 

82.20 x 10 s 
97.60 x 10 s 
102.70 x 10 s 

105.20 x 10 s 

106.20 x 10 3 
107.10 x 10 5 

15.21 x 10 n (H„ line) 
20.60 x lOTffr Imc) 
23.5x10 s (Inline) 
24.35 x 10 s (H a line) 
25.18 x 10 5 

5.30 x 10 5 
7.80 x 10 5 
9.12 x 10 5 
9.95 x 10 : 

2.46 x 10” 
3.80 x 10 s 
4.6] x 10* 

1.34 x 10 s 
2.14 x 10 s 


5.5. fi Origin of Hydrogen Spectrum on 

According to Bohr, electron in 
hydrogen atom may revolve in any orbit 
depending upon its energy. When hydrogen 
gas is heated or subjected to an electric 
discharge, its electron moves from one of 
the lower i orbit to higher orbit, absorbing 
particular wavelength of energy. 

Subsequently, when it comes back, 
the same energy is released. This energy is 
observed as radiation of particular 
wavelengths in the form of bright lines seen 
in the certain region of the emission 
spectru m of hydrogen gas . 


is of Bohr’s Model 



Fig (5.17) Electronic transitions in hydrogen atom and 
series of spectral lines, justified by Bohr's model atom. 
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The spectral lines of Lyman series are produced when the electron jumps from n,~2, 

3 ' 4 : 5 ’ t0 > n i = 1 (Lyman did not know this reason). Similarly, spectral lines of Balmer 

series discovered in 1887 originated when an electron jumps from n, = 3, 4, 5, 6 to 

n, =* 2 orbit. 

In the same way, Paschen, Brackett and Pfund series of lines are produced as a result 
of electronic transitions from higher orbits to 3rd, 4 th and 5th orbits, respectively Fig (5.17). 

Calculations of Wave Numbers of Photons of Various Spectral Series bv 
Bohr's Theory 

The wavelength { X ) or wave number (v) of a spectral line depends on the quantity of 
energy emitted by the electron. Suppose, an electron jumps from n 2 to n, and emits a photon 
of light. According to Bohr's equation of energy 




Z 'l 4 

me 

H<C,V.h 2 


E, and E, are the energies of electrons in n, and n, respectively. The energy difference 
between the two can be calculated as follows: 


AE =E 2 - E, - 
For H-atom; Z = 1 
me" 


r me 4 

[ 1 

1 

8€;h 2 


^ 2 4 


Joules 


( 22 ) 


and 


- 2.18 x 10 8 J (by putting the values of constants) 


AE = 2.18 x 10 18 


i 

> — 1 

i 

X 

2 

L n i 

n 2 ,. 


Joules 


( 23 ) 


With the help of equation (23), the energy difference between any two orbits of H- 
atom can be calculated where n, is the lower level and n 2 is higher level. It is not necessary 
that n, and n, are adjacent orbits. 

Since AE — hv 

Therefore 


_ me 

' 1 

x' 

’ 8€;h' 

.n 2 ,' 

n 2 . 

_ me 4 

'X. 

1 I 

8 6„V 


<1 




to 0 


Hz 


( 24 ) 
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Frequency (v) has the units of the cycles s 1 or Hz. (1 Hz = 1 cycle a ) 

Equation (24) gives us the frequency of a photon emitted, when electron jumps from 
higher orbit to lower orbit in H-atom. The frequency values go on decreasing between 
adjacent levels. 


Calci. ation of Wave Number 

Since v = cv 

Putting in equation (24) 

Therefore 


Z me 


" 8€> u 

2 2 
L" i n 2 . 


Z s me 4 


1 ' 

8 € 2 h 3 c 

n" 

n 2 J 


m 


(25) 


This is called Rydberg constant. Putting Z - 1 for hydrogen atom, the equation (25)becomes. 

r 1 1 




v - 1.09678 x 10' 


L n i n"J 


m 


>0' 

:5)b< 

(26) 


Equation (26) gives the values of wave number of photons emitted or absorbed when the 
electron jumps between n, and n., orbits. 


Let us calculate, the wave numbers of lines of various series. 
Lyman Series: Fig, (5. 17) 

First line n, = 1 (lower orbit), n 2 — 2 (higher orbit) 

v = 1.09678 x 10 7 


Second line nj - 1 

,, e e. . 

Limiting line n, - 1 


n 2 =3 

v = 1.09678 x 10 : 




— CG 


V - 1.09678 X 10' 


' 1 

i 

.l 2 

2, 1 

' 1 


.r 


i 

1 

.i 2 

2 

OO 




e©° 






= 109.678 x 10 s m 1 


Limiting line is developed, when electron jumps from infinte orbit to, n = 1 

The values of all these wave numbers lie in the U.V region of the spectrum. It means 
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hat when electron of H-ntom falls from all the possible higher levels to n = 1, then the 
photons of radiation emitted lie in the range ofU.V region. 


Balmer Series: Fig (5.17) 
First line n, = 2 

Second line n; = 2 

Third line n, “=" 2 

Limiting line n L = 2 


n*= 3 

v = 1.09678 x 10 7 
n> = 4 

v = 1.09678 xlO 7 
n, = 5 

v = 1.09678 x 10 T 
n, - oo 


ll_jj t 

[ 2 ’ 3 J ] = 15. 

f - X 

[t - 4* 


234 x 10 5 m' 1 


- 20.566 x 10 s m 1 


1 _ _1 
! 2 5 2 J 


= 23.00 x 10 s m' 1 



v = 1.09678 x 10 7 

•v 


r 1 

-JL 

? 

2 

OQ a 


= 27.421 x 10 5 in 




- , rner senes Jies m U.V region, while other lines fall in visible 

e.gion. Similarly, we can calculate the wave numbers for all the lines of Paschen, Brackett and 
I fund senes. These three series of lines lie in the infrared region. 

.1.5.7 Defects of Bohr's Atomic Model 

like He +B ' ^ ° f ^ Spectrum H-atom and ions 
TIT L ■ d B , 1 etc ' These are 311 one electron systems. But this theory is not able to 
B^etc 0ngm 16 Spectrum of multi-electrons or poly-electrons system fike He, Li and 

2. When the spectrum of hydrogen gas is observed by means of a high resolving nower 
'-trometer, the individual spectral lines are replaced by several very fine lines i e original 
Imes are seen divided into other lines. The H tt - line in the Balmer series is found to cS of 
' ,Vt * U)m P°ncnt lines. Tins is called fine structure or multiple structure Actually the 
ppcarance of several lines in a single line suggests that only one quantum number ^ not 
sufficient to explain the origin of various spectral lines. 

JL , i B ° h K SU8 f Sted T :Ular orbits ofelect rons around the nucleus of hydrogen atom but 
researches have shown that the motion of electron is not in a single plane, but fakes place in 
ce dimensional space. Actually, the atomic model is not flat 
4 When the excited atoms of hydrogen (which give an emission line spectrum) are 

tvne r / n ^ lineS ^ further s P ]it U P *nto closely spaefd lines This 

the w° fSPlttl + ng ° f spe . CtraI lines 15 cal!ed Z**man effect. So, if the source which is producing 
e Na - spectrum is placed m a weak magnetic field, it causes the splitting of two Imes of Na 
into component lines. Similarly when the excited hydrogen atoms are pi Jed in an electrical 
held, then similar splitting of spectral lines takes place which is called “Stark effect”. Bohr's 
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theory does not explain either Zeeman or Stark effect, 

However, in 1915, Sommerfeld suggested the moving electrons might describe in 
addition to the circular orbits elliptic orbits as well wherein the nucleus lies at one of the focii 
of the ellipse. 


5.6 X-RAYS AND ATOMIC NUMBER 


X-rays are produced when rapidly moving electrons collide with heavy metal anode 

in the discharge tube. Energy is released in the form of electromagnetic waves when the 
electrons are suddenly slopped. In the discharge tube, the electrons produced by a heated 
tungsten filament are accelerated by high voltage Fig. (5.18). It gives them sufficient energy 
i.o uring about the emission of X-rays on striking the metal target. X-rays are emitted from 
lIic target in all directions, but only a small portion of them is used for useful purposes 
through the windows. The wavelength of X-rays produced depends upon the nature of the 
target metal. Every metal has its own characteristic X-rays. 

The X-rays are passed through a si it in platinum plate and then emerged through 
aluminum window. This is thrown on a crystal of 
K„[Fe(CN)d, which analyses the X-ray beam. 

The rays are diffracted from the crystal and arc 
obtained in the form of line spectrum of X-rays. 

This is allowed to fall on photographic plate. This 
line spectrum is the characteristic of target 
material used. This characteristic X-rays 
spectrum has discrete spectral lines. These are 
grouped into K-series, L-series and M-series, 


Concave 

surface Vacuum pump 



Fig (5.18) Production of X-rays 


etc. Each series has various line as K, K,, L a , L p M Q , M„, etc. 

A systematic and comprehensive study of X-rays was undertaken by Moseley in 
1913-1914. His researches covered a range of wavelengths 0.04 - 8 L He employed thirty 
eight different elements from aluminium to gold, as target in X-rays tube. Moseley was able 
to draw the following important conclusions from a detailed analysis of the spectral lines 
which he obtained, 

(0 The spectral lines could be classified into two distinct groups. One of shorter 
wavelengths are identified by K-series and the other of comparatively longer wavelengths 
are identified by L-series. 

(u) If the target element is of higher atomic number the wavelength of X-rays becomes 
shorter. 


A very simple relationship was found between the frequency (v) of a particular line 
of X-rays and the atomic number Z of the element emitting it. 

%/v — a(Z - b) (27) 


Here 'a' and V are the constants characteristic of the metal under consideration. This linear 
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equation (27) is known as Moseley's Law. r a M is proportionality constant and V is called 
screening constant of the metals. 


This law states that the frequency of a spectra! line in X-ray spectrum varies as the 
square of atomic number of an element emitting it This law convinces us that it is the atomic 
number and not the atomic mass of the element which determines its characteristic 
properties, both physical and chemical. If value of Vv for K-series are plotted against Z, then 
a straight line is obtained . 

Importance of Moseley Law 

(i) Moseley arranged K and Ar, Ni and Co in a proper way inlMendeleey's^penodic table. 

(ii) This law has led foEBe discovery of many new elements like Tc(4d),pr(59), Rb(45). 

(iii) The atomic number of rare earths have been determined by this law. 


5.7 WAVE-PARTICLE NATURE OF MATTER (DUAL 
NATURE OF MATTER) 


Planck's quantum theory of radiation tells us that light shows a dual character. It 
behaves both as a material particle and as a wave. This idea was extended to matter particles 
in 1924 by Louis de- Broglie. According to de-Broglic, all matter particles in motion have a 
dual character. It means that electrons, protons, neutrons, atoms and molecules possess the 
characteristics of both the material particle and a wave. This is called wave-particle duality in 
matter. de-Broglie derived a mathematical equation which relates the wavelength (A.) of the 
electron to the momentum of electron. 


Here A = de -Broglie's wavelength, 
m = mass of the particle 
v — velocity of electron 

According to this equation, the wavelength associated with an electron is inversely 
proportional to its momentum (mv). 

This equation is derived as follows. 

According to Planck's equation 


Where m is the mass of the material particle which has to convert itself into a 
photon, 'and c’is the velocity of photon. Equating two values of energy; 

hv = me 1 * 



E = hv 

According to Einstein's mass energy relationship 
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d^ v 


T =mc- or X— gg : 

According to equation (30), the wavelength of photon is inversely proportional to 
the momentum of photon. Considering that nature is symmetrical, we apply this equation 
(30) to the moving electron of mass 'in’ and velocity V. This idea gives us the de-Broglie’s 
equation (28) 


1 _ n 
‘ mv 


(28) 


According to equation (28), the wavelength of electron is inversely proportional to 
momentum of electron. Now, consider an electron which is moving with a velocity of 
2.188x10 ms in the first orbit of Bohr’s model of hydrogen atom. Then, wavelength 
associating with it, can be calculated with the help of equation (28). 


m f , 


c 




6.626 x 10 Js 
= 9.108x10’*' kg 

'-6.626 x 10 14 Js 

K — 

9.108 xl0' ai kg x 2.188 x 10" ms’ 1 
* - 0.33 x 10' f ’ m 


Since G — kg s' 2 ) 




\0 


(10 9 m= 1 nm) ' 

X = 0.33 nm 

This value of wavelength (X) of electron while moving in the first orbit of H-atom 
is comparable to the wavelength of X-rays and can be measured. 

If we imagine a proton moving in a straight line with the same velocity as mentioned 
for electron, it's wavelength will he 1836 times smaller than that of electron. Similarly, an a- 
particle moving with the same velocity should have a wavelength 7344 times smaller as 
compared to that of electron. Now, consider a stone of mass one gram moving with a velocity 
of 10 ms 1 , then its wavelength will be; 

} 6.626 x 1 0'** Js 

10 kg x 10ms' 1 
= 6.626 xvlO^m 

This wavelength is so small, that it cannot be measured by any conceivable method. It means 
that heavy material particles have waves v - -dated with them, but they cannot be captured 
and we say that the macroscopic bodies don't have the waves, 

' '«***■* 

5.S.1 Experimental Verification of Dual Nature of Matter 

In 192/, two American scientists, Davisson and Gertner did an experiment to 
verify the wave nature of moving electron. Electrons were produced from 
heated tungsten filament and accelerated by applying the potential difference through 
charged plates. Davisson and Germer proved that the accelerated electrons undergo 
diffraction, like waves, when they fall on a nickel crystal. In this way, the wave nature of 
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electron got verified. Davisson and Germer got the nobelprize for inventing an apparatus to 
pun e the matter waves and de Broglie got the separate nobelprize forgiving the equation of 
matter wave. 

5.8 HEISENBERG S UNCERTAINTY PRINCIPLE 

According to Bohr's theory, an electron is a material particle and its position as well 
as momentum can be determined with great accuracy. But with the advent of the concept of 
wave nature of electron, it has not been possible for us to measure simultaneously the 
exact position and velocity of electron. This was suggested by Heisenberg, in 1927. 

Suppose, that Ax is the uncertainty in the measurement of the position and Ap 
is the uncertainty in the measurement of momentum of an electron, then 

** A P a (31) 

This relationship is called uncertainty principle. This equation shows that if Ax is 
small then Ap will be large and vice versa. So, if one quantity is measured accurately then the 
other becomes less accurate. Hence, certainty in the determination of one quantity 
introduces uncertainty in the determination of the other quantity. 

The uncertainty principle is applicable only for microscopic particles like electrons, 
protons and neutrons, etc. and has no significance for large particles, i.e. macroscopic 
particles. 

Compton s effect can help us understand the uncertainty principle. Suppose we wish 
to determine the position of electron. Visible light cannot help us, because the wavelength of 
visible light is millions time large as compared to the diameter of electron. For this purpose, 
wc have to use X-rays which have very short wavelength as compared to that of visible light 
When this photon ot X-rays strikes an electron, the momentum of electron will change In 
other words, uncertainty of momentum will appear- due to change of velocity of electron 
Smaller the wavelength of X-rays, greater will be the energy of the photon. Hence, the 
collision of X-rays with electron will bring about the greater uncertainty in momentum So 
an effort to determine the exact position of electron has rendered its momentum uncertain’ 
When we use the photons of longer wavelength to avoid the change of momentum, the 
determination of the position of electron becomes impossible. 






,y. 


Concept of Orbital 

hollowing this principle, the Bohr’s picture of an atom does not appear to be 
saiistactoiy. In Rohrs atom, the electrons are moving with specific velocities in orbits of 
specified radii, and according to uncertainty principle, both these quantities cannot be 
measured experimentally. A theory involving quantities, which cannot be measured does not 
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Is-orbitaf 


2s-orhilal 

/ 


\ 


0.0529 nm 

** ► 


= 0.529 A 


Nucleus 


fig (5.19) Probable electron density 
diagram for hydrogen atom. 


follow the tradition of scientific work. 

. In ordet to solve this difficulty, Schrodinger, Heisenberg and Dirac worked out wave 
theories of the atom. The best known treatment is that of Schrodinger. lie set up a wave 
equation for hydrogen atom. According to Schrodinger, although the position of an electron 
cannot be found exactly, the probabii ity of finding an electron at a certain position at any time 
can be found. The solution of the wave equation gives probability of finding an electron 
present m a given small region of space. When the probability of finding the electron at a 
distance r from the nucleus is calculated for the 
hydrogen atom in the ground state, Fig (5.19) is 
obtained. 

The maximum probability of finding the 
electron is at a distance of 0,053 nm. It is the same 
radius as calculated for the Bohr's first orbit. There is a 
possibility that the electron is either closer to the 
nucleus or outside the radius of 0.053 nm, where 
probability of finding electron decreases sharply. 

The volume of space in which there is 95% 
chance of finding an electron is called atomic orbital. 

The term orbital should not be confused with 
the term orbit as used in the Bohr's theory. The orbital 

can be regarded as a spread of charge surrounding the nucleus. This is often called the 
“electron cloud”. 

5.8.1 Quantum Numbers 

riiff Schrodinger wave equation, has been solved for hydrogen atom. It may have 
different solutions. Quantum numbers are the sets of numerical values which give the 
acceptable solutions to Schrodinger wave equation for hydrogen atom S 

know that atmZe b> ' itS f ° Ur qUantum "“»*«* Von 

block, street hlS "T’ City in which >* 1™, the 

identification numbers or labels which cnmnlrte.?* - 2roun f s ’ Quantum numbers serve as 

an elect ™- Thesc quamura 

Theie ai e four quantum numbers which can describe the electron completely. 

(1) Principal quantum number (n) 

(2) Azimuthal quantum n umber U) 

(3) Magnetic quantum number (m) 

(4) Spin quantum number (s) 

Let us discuss these quantum numbers one by one. 

Principal Quantum Number (n) 

I he different energy levels in Bohr’s atom are represented by ’n'. This is called 
principal quantum number by Schrodinger. Its values are non-zero, positive integers unto 
infinity. 
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n = 1 , 2 , 3 , 4 , 5 , , 

I he value of n represents the shell or energy level in which the electron revolves 
around the nucleus. Letter notations K, L, M, N, etc are also used to denote the various 
shells, bur example, when n =1, it is called K shell, for n = 2, it is L shell and so on. The 
values of n also determine the location of electron in anatom, Lethe distance of electron from 
the nucleus, greater the value of 'n' greater will be the distance of electron from the nucleus. 
It is a quantitative measure of the size of an electronic shell. W also provides us the erfergy of 
electron in a shell. Bohr’s results help us to know the relationships of distance and energy of 
electron. 

Azimuthal Quantum Number (£) 

It has already been mentioned in the defects of Bohr's model that a spectrometer of 
high resolving power shows that an individual line in the spectrum is further divided into 
several very fine lines. This thing can be explained by saving that each shell is divided into 
subshells. So, only principal quantum number (n) is not sufficient to explain the line 
spectrum. There is another subsidiary quantum number called azimuthal quantum number 
and is used to represent the subshells. The values of azimuthal quantum number (£) are 

** % 1, 2, 3 (n -l) * 

Its value depends upon n. These values represent different subshells, which are 
designated by small letters, s, p, d, f. They stand for sharp, principal, diffused and 
fundamental, respectively. These are the spectral terms used to describe the series of lines 

observed in the atomic spectrum. The values of azimuthal quantum number always start 
from zero. 

A subshell may have different shapes depending upon the value of T. It may be 
spherical, dumb-bell, or some other complicated shaps. The value of f is related to the shape 
of the subshell as follows: 

1 = 0 s-subshell spherical 

p- subshell dumb-bell 

{ ~ ^ , d- subshell (complicated shape) 

I he relationship between principal and azimuthal quantum numbers is as follows 

II — 1 k" < / — n t „ , . - . .. 


n = l K-shell {t ~ 0 
n = 2 L-shell J* = 0 

n = 3 M-shcII 


cXP° 

n = 4 N-shell, 



f s-subshell 
,f s-subshell 
KP-subshell 
s- subshel! 
p- subshel] 
d- subshell 
s- subshell 
p- subshell 
d- subshell 
f- subshell 


should be called as 



Is 

2s 

2p 

3s 

3p 

3d 

4s 

4p 

4d 

4f 


s.V 




Atomic Structure 


143 


In Is, 2s, ...... etc, the digit represents the value of principal quantum number. 7 

values also enable us to calculate the total number of electrons in a given subshell. The 
formula for calculating electrons is 2 <2( ; + 1 }. 


When 

^ = 0 

s-subshell 

total electrons —2 


( = 1 

p- subshell 

total electrons = 6 


( — 2 

d-subshell 

total electrons = 10 


t = 3 

f-subshell 

total electrons = 14 


Magnetic Quantum Number (m) 

In the defects of Bohr's model, it has been mentioned that strong magnetic field 
splits the spectral lines further. In order to explain this splitting, a third quantum number 
called the magnetic quantum number (m) has been proposed. 

Its values are 


m = 0, ± 1, ±2, + 3, 

The value of r m' depends upon values of 7 
When l = 0 s- subshell m - 0 

f =1 p- subshell m - 0, +1 (p-subshell has three degenerate orbitals) 

f = 2 d- subshell m = 0, ±1, 12 (d-subshell has five degenerate orbitals) 

f. — 3 f- subshell m - 0, ±1, ±2, ±3 (f-subshell has seven degenerate orbitals) 

This above description shows that tor a given value of 7 the total values of in' are 0 +1). 
Actually, the value of m gives us the information of degeneracy of orbitals in space. It 
tells us the number of different ways in which a given s, p, d or f-subshell can be arranged 
along x, y and z-axes in the presence of a magnetic field. Thus, different values of 'm' for a 
given value of 7, represent the total number of different space orientations for a subshell. 


In case of s-subshell i — 0, so, m — 0. It implies that s-subshell of any energy level 
has only one space oiientation and can be arranged in space only in one way along x, y and 
z-axes. So s-subshell is not sub-divided into any other orbital. The shape of 's' orbital is such 
that the probability of finding the electron in all the directions from the nucleus is the same. It 
is a spherical and symmetrical orbital. Fig (5.20). 

For p-subshell, t = 1 and m = 0, ±1. These values of 'm' imply that p-subshell of any 
energy level has three space orientations and can be arranged in space along x, y, and z axes 
Fig. (5.21). These three orbitals are perpendicular to each other and named as p„ p v , and p z . 
They have egg shaped lobes which touch each other at the origin. They are disposed 
symmetrically along one of the three axes called orbital axis. 

In the absence of the magnetic field, all the three p-orbitals have the same energy and 
are called degenerate orbitals. Since, they are three in number, so these orbitals are said to be 
3-fold degenerate or triply degenerate. 

For d-subshell t = 2 m = 0, ±1, ±2. It implies that it has five space orientations and 
are designated as d^. (m = -2), d„ (m - -l),d»(m = +1), d,* *(m = +2)andd I (m = 0) 
Fig. (5.22). 


All these five d-orbitals are not identical in shape. In the absence of a magnetic field, 
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all five d-orbitals have the same energy and they are said to be five fold degenerate orbitals. 
For f- subshell, t = 3 and m - 0, ±1, ±2, ±3. They have complicated shapes. 

The whole discussion shows that magnetic quantum number determines the 
orientation of orbitals, so it is also called orbital orientation quantum number. 


Spin Quantum Number (s) 

Alkali metals have one electron in their outermost shell. We can record their 
emission spectra, when the outermost electron jumps from an excited state to a ground state. 
When the spectra are observed by means of high resolving power spectrometer, each line in 
the spectrum is found to consist of pair of lines, this is called doublet line structure. We 
should keep it in mind, that doublet line structure is different from the fine spectrum of 
hydrogen (as we have discussed in azimuthal quantum number). It should be made clear that 
lmes of doublet line structure are widely separated from each other, while those of fine 
structure are closely spaced together. 

In 1925, Goudsmit and Uhlenbech suggested that an electron while moving in 
an orbital around the nucleus also rotates or spins about its own axis either in a clockwise or 
anti-clock wise direction. This is also called self- rotation. This spinning electron is associated 
with a magnetic field and hence a magnetic moment. Hence, opposite magnetic fields are 
generated by the clockwise and anti-clockwise spins of 
electrons. This spin motion is responsible for doublet 
line structure in the spectrum. 

The four quantum nun- 1 hers of all the 
electrons in the first lour shells a± e summarized in 
Table (5.3), Notice, that each electron has its own 



Table (5.3) Quantum Numbers of Elections 


Principal 
Quantum 
number f n' 

Azimuth nl 

Quantum 
Humber 'f 

Magnetic 
Quantum 
number m' 

Spin 

Quantum 
number 's' 

Number of 
electrons 
account iui<l, r i 1 crl 

% 

% 

1 K 

0 s 

0 

+ 1 - i 
2 2 

2 

2 L 

0 s 

1 P 

0 

+1,0, -1 

+ 1.-1 
2 2 

+JL.--L 
2 2 

’A 

6 j 

k 

3 M 

0 s 

1 V 

2 d 

0 

+ 1,0, -1 
+2+1,0, -1, -2 

+ 1,-1 
2 2 

+ 1.-1 

2 2 

+ 1,-1 
2 2 

2' 

10J 

h 

4 N 

0 s 

1 P 

2 d 

3 f 

0 

+ 1,0, -1 
+2+1, 0,-1, -2 
+ 3, +2+1, 0, - 1 , - 2 , -3 

+ 1.-1 
2 2 

+ 1.-1 
2 2 

+ 1.-1 
2 2 

+ 1.-1 
2 2 

SI 

nj 

1.32 

1 
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set of quantum numbers and this set is different for each electron. 

5.8.2 Shapes of Orbitals 

In section 5.8.1, we were introduced to the four types of orbitals depending upon the 
values of azimuthal quantum number. These orbitals are s, p, d and f having azimuthal 
quantum number values as t — 0, 1, 2, 3, respectively. Let us, discuss the shapes of these, 
orbitals. 

Shapes of s- Orbitals 


s-orbital has a spherical shape and is 
usually represented by a circle, which in turn, 
represents a cut of sphere, Fig. (5.20). With the 
increase of value of principal quantum number 
(n), the size of s-orbital increases. 2s-orbital is 
larger in size than ls-orbital. 2s-orbital is also 
further away form the nucleus Fig. (5.20). The 
probability for finding the electron is zero 
between two orbitals. This place is called nodal 
plane or nodal surface. 



Fig (5.20) Shapes of s -orbitals with 
increasing principal quantum number 


Shapes of p- Orbitals 

There are three values of magnetic quantum number for p-subshell. So, 
p-subshell has three orientations in space i.e. along x, y and z-axes. All the thr£e 
p-orbitals namely, p„ p y and p, have dumb-bell shapes, Fig. (5.21). So , p-orbitals have 



directional character which determines the geometry of molecules. All the p- 
orbitals of all the energy levels have similar shapes, but with the increase of 
principal quantum number of the shell their sizes are increased. 


Shapes of d- Orbitals 

For d subsliell there are five values of magnetic quantum number. So, there are five 
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space orientations along x, yand z-axes. Fig (5.22). They arc designated as d,„, d„, d,,. dy /, 
d c- T,ie lofjes of first three d -orbitals lie between the axis. The other lie on the axis. 



/ 




d - 




d , 2 


Fig (5,22) Shapes of d- orbitals 
They are not identical in shape. Four d-orhitals out of these five contain four lobes 
each, while the fifth orbital d/ consists of only two lobes, Fig (5.22). 

In the absence of magnetic field, all the five d-orbitals are degenerate. The shape of 
f-orbital is very complicated. 

5,9 ELECTRONIC DISTRIBUTION 

Inotdei to understand the distribution of electrons in anatom, we should know the 
following facts, 

Table (S,^) Arrangement of orbitals 
according to (n+1) rule 


1 ■ An orbital like s, p„ p y , p i and d sy , etc. 
can have at the most two electrons. 

2. The maximum number of electrons 

that can be accommodated in a shell is given by 2n‘ 
formula where n is principal quantum number and it 
can not have zero value. 

Moreover, following rules have been adopted 
to distribute the electrons in subshells or orbitals. 

1. Aufbau principle 

2. Pauli’s exclusion principle 

3. Hund's rule 

But, before we use these rules, the subshells 
should be arranged according to (n + f") rule, 
!able(5.4). I his rule says that subshells are arranged 
in the increasing order of (n + f) values and if any two 
subshells have the same (n + f) values, then that 
subshell is placed first whose n value is smaller. 

The arrangement of subshells in ascending 
order of their energy may be as follows: Is, 2s, 2p, 3s, 
3p, 4s, 3d, 4p, 5s, 4d, 5p, 6s, 41, 5d, 6p, 7s and so no. 


Aufbau Principle 

The electrons should be filled 


m energy 



11 


n 4- 1 

Is 

1 

0 

1+0=1 

2s 

2 

0 

2 + 0 = 2 

2p 

2 

1 

2+1 = 2 

3s 

3 

0 

3 + 0-3 

3p 

3 

1 

3+1 = 4 

3d 

3 

2 

3 + 2 = 5 

4S 

4 

0 

4-10 = 4 

4p 

4 

] 

4 + 1=5 

4d 

4 

2 

4 + 2 = 6 

4f 

4 

3 

4 + 3 = 7 

5s 

5 

0 

5 + 0 = 5 

% | 
5d 

5 

5 

1 

2 

5 + 1 = 6 
5 + 2 = 7 

5f , 

5 

3 

5 + 3 = 8 

6 s 

6 

0 

6 + 0 = 6 

6p 

r> 

1 

6 + 1 = 7 

6d 

6 

2 

6 + 2 = 8 

ftf 

6 

3 

6 + 3-9 

7s 

7 

0 

7 + 0 = 7 
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subshells in order of increase 


. r ' r w 

: increasing energy values. The electrons are first placed in Is 2s 2 d and 

Pauli's Exclusion Principle 

This principle can be stated as follows: 

It is impossible for two electrons residing in the same orbital of a poly-electron atom 
to have the same values ol four quantum numbers, or 

,Two electrons in the same orbital should have opposite spins (it). 

Hund’s Rule 

If, degenerate orbitals are available and more than one electrons are to be placed in 
them, they should be placed in separate orbitals with the same spin rather than putting them 
m the sa me orbital with opposite spin s. 

According to the rule, the two electrons in 2p subshell of carbon will be distributed 
as follows. - - 


1 I ffl ffl . 
e C = ls2s2p,2p y 2p r 

The three orbitals of 2p subshell arc degenerate. 
& 0.9.1 Electronic Configuration of Elements 




,eO° 


,o¥S-^ 


Keeping in view the rules mentioned above, the electronic configurations of first 
thirty six elements are given in Table (5.5 ). 






Table (5.5) Electron configurations of elements 

Element 

1 

Atomic 

number 

Electron Configuration 
Notation 

Hydrogen 

Helium 

Lithium 

Beryllium 

Boron 

Carbon 

Nitrogen 

Oxygen 

Fluorine 

Neon 

Sodium 

Magnesium 
- 

1 

2 

3 

4 

5 

6 

7 

8 

9 

10 
11 
12 

. 

Is 

Is" 

ls : ’2s 

ls a 2s* 

I s 2s 2p. 2p y 2p; 
ls : 2s"2p, 2p, 2p 
ls^s*^ 2p 2^ £ 
ls‘'2s'2p', 2p 2p 
Is '2s 2 2p\ 2p 2 v 2p i 
ls s 2s"2p;2p".2p; 
[Ne] 3s 
[Nel 3# 




•V 




(continued on next page) 
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Table (5.5) continued 




?<® e 


Element 

Atomic 

number 



Electron Configuration 
Notation 

Aluminum 

13 

[Ne] 3s 3p. 3p 3p 

Silicon 

14 

[Ne] 3s'3p v 3p,3p, 

Phosphorus 

15 

[Ne] 3s 1 2 3p, 3p v 3p, 

t i 

Sulphur 

16 

[Ne] 3s-3py 3p y 3p z 

Chlorine 

17 

[Ne]3s 3 3p :[ 3p\ 3p, 

Argon 

18 

[NeJSs 3p \ 3p 3p : . 

Potassium 

19 

[Ar]4s 

Calcium 

20 

[Ar]4s a f 

Scandium 

21 

i Arris' 3 3d . 3d„ 3d. 3d;./ 3d - 

Titanium 

22 

[Ar]4s"3d., v 3d. 3d,,. 3d;/ 3d/ 

Vanadium 

23 

|Ar!4s 3d v . 3d.. 3d. 3d- 3d; 

Ch romium 

24 

lArJls 3d v 3d.. 3d Xi 3d. , 3d r 

Manganese 

25 

[Ar]4s ? 3ti 1S 3d,., 3d X2 3d;; 3cl; 

Iron 

26 

[Ar]4s 3d , 3d . 3d . 3d;.,; 3tl; 

Cobalt 

27 

[ArJ Is 3d , 3d;, 3d 2 E 3^//3cl; 

Nickel 

28 

[Ar]4s 2 3dv,3dV3dV 3d 2 ;.; 3tl/ 

Copper 

29 

[Ar]4s 3d^3dV3d 2 „3d\ V 3d 2 ; 

Zinc 

30 

[Ar]4s 2 3d" V) 3d 2 ,, 3d 2 ,, 3d”;.; 3d 2 ; 

Gallium 

31 

[ Ar]4s 3d If '4p i 4p t 4p, 

Germanium 

32 

[Ar]4s 2 3d 10 4p I 4.p„. 4p ' 

Arsenic 

33 

[Ar]4s 2 3d li: 4ji, 4p f 4p, 

Selenium 

34 

[Ar]4s 2 3d lil 4p 2 v 4p, 4p, 

Bromine 

35 

[Ar]4s"3d J 4p;. Ip;. 4p. 

Krypton 

36 

[Ar]4s 2 3d !il 4p 3 4p; 4p; 
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KEY POINTS 




P e0 0 






1. Matter is made up of extremely small particles called atoms. 

2. Cathode rays and positive rays were discovered during discharge tube 

experiments. The properties of cathode rays showed them to be negatively charged 
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4 . 

5 . 

6 . 

7 . 

8 . 

9 . 

10 . 
11 . 

12 . 

13, 


14 . 


Ql. 

(i) 



particles called electrons, whereas, the positive rays were found to contain positively 
charged particles called protons. 

Neutron was discovered through artificial radioactivity. 

Electrons, protons and neutrons are regarded as the fundamental particles of an 
atom. 

Rutherford discovered the nucleus and successfully explained the presence of 
moving electrons around the nucleus. 

In 1905, Planck put forward his famous Planck's quantum theory. 

Neil Bohr explained the structure of hydrogen atom by using Planck's quantum 
theory 7 . He also calculated the radius and energy of electron in the nth shell of 
hydrogen atom. 

Bohr's atomic model successfully explained the origin of line spectrum and the lines 
present in the spectrum of hydrogen atom in the visible and invisible regions. 

X-rays are produced when rapidly moving electrons collide with heavy 7 metal anode 
in the discharge tube. 

Moseley discovered a simple relationship between the frequency of X-rays and the 
atomic number of the target element. 

de-Broglie discovered wave particle duality of material particles. According to him, 
all material particles in motion have a dual character. Davisson and Germer 
experimentally verified the wave concept of an electron. 

Heisenberg pointed out that it is not possible for us, tn measure the exact position 
and the exact momentum of electron simultaneously. 

After the failure of Bohr’s atomic model, Schrodinger developed the wave- 
mechanical model of hydrogen atom. According to him, although the position of an 
electron cannot be found exactly, the probability of finding an electron at a certain 
position at any time can be calculated. 

An electron in an atom is completely described by its four quantum numbers. Three 
out of these four quantum numbers, have been derived from Schrodinger wave 
equation, when it is solved for hydrogen atom. 


EXERCISE 

Select the most suitable answer for the given one. 

The nature of the positive rays depend on 
(a) the nature of the electrode (b) 

(c) the nature of the residual gas (d) 

The velocity of photon is 
(a) independent of its wavelength (b) 

(c) equal to square of its amplitude (d) 

The wave number of the light emitted by 
wavelength of this light will be 

(a) 500nm (b) 500m (c) 200nm 


the nature of the discharge tube 
all of the above 

depends on its wavelength 

depends on its source 

certain source is 2 x 10" m '. The 


(d) 5xl0'm 
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atom failed because 
jm did not have a nucleus and electrons 


=to° 


(V) 


(vi) 


(vii) 


(viii) 


Ox) 


(x) 


Rutherford' 

(a) the citum um iiul nave a nucleus ana electrons 

it did not account for the attraction between protons and neutrons 

(c) it did not account for the stability of the atom 

( d ) there is actually no space between the nucleus and the electrons 
Bohr model of atom is contradicted by 

Planck's quantum theory (b) dual nature of matter 

(c) Heisenberg's uncertainty principle 

(d) all of the above 

Splitting of spectral lines when atoms are subjected to strong electric field is called 
(a) Zeeman effect (b) Stark effect 

(c) Photoelectric effect (d) Compton effect 

In the groun d state of an atom , the electron i s present 
(a) in the nucleus (b) in the second shell 

M nearest to the nucleus (d) farthest from the nucleus 

Quantum number values for 2p orbitals are 
(a) n = 2, t = 1 (b) n = 1, 1 = 2 

(c) n = 1, / = 0 (d) n - 2, t = 0 

Orbitals having same energy are called 

hybi id orbitals (b) valence orbitals 

(c) degenerate orbitals (d) d-orbitals 


1 0 N S S 


•9 




Q2. 

(i) 

(ii) 

(iii) 
Civ) 

(v) 

(vi) 

(vii) 
(viii) 
(ix) 
Q3. 

(i) 

(ii) 
(in) 


When 6d orbital is complete, the entering electron goes into 
( a ) 7f (b) 7s (c) 7p (d) 7d 
Fill in the blanks with suitable words. 

p-pai tides are nothing but moving with a very' high speed. 

The charge on one mole of electrons is coulombs. 

The mass of hydrogen atom is grams. 

The mass of one mole of electrons? is 

Energy is when electron jumps from higher to a lower orbit. 

I he ionization energy' of hydrogen atom can be calculated from 
Ford-subshell, the azimuthal quantum number has value of 
The number of electrons in a given subshell is given by formula" 
The electronic configuration of H'is 



to 0 


q\c6-9 




model of atom. 



Indicate true or false as the case maybe 7 
A neutron is slightly lighter particle than a proton. 

A photon is the massless bundle of energy but has momentum. 

The unit of Rydberg constant is the reciprocal of unit of length. 

(iv) The actual isotopit mass is a whole number. 

(v) Heisenberg's uncertainty principle is applicable to macroscopic bodies 

(vi) The nodal plane m an orbital is the plane of zero electron density. 

(vii) The numhei of orbitals present in a sublevel is given by the formula (2^ + 1 ) 

(viil) Th e magnetic quantum number was introduced to explain Zeeman and Stark effect 


,oVS - 9 
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(ix) Spin quantum number tells us the direction of spin of electron around the nucleus. 

Q 4: Keeping in mind the discharge tube experiment, answer the following questions. 

(a) Why is it necessary to decrease the pressure in the discharge tube to get the cathode 
rays? 

(b) Whichever gas is used in the discharge tube, the nature of the cathode rays remains 
the same. Why? 

(c) Why e/m value of the cathode rays is just equal to that of electron? 

(d) How the bending of the cathode rays in the electric and magnetic fields 
shows that they are negatively charged? 

(e) Why the positive rays are also called canal rays? 

(f) The e/m value of positive rays for different gases are different but 
those for cathode rays the e/m values are the same. Justify it. 

(g) The e/m value for positive rays obtained from hydrogen gas is 1836 
times less than that of cathode rays. Justify it. 

Q5(a) Kxplain Millikan's oil drop experiment to determine the charge of 
an electron. 

(b) What is J.J Thomson’s experiment for determining c/m value of electron? 

(c) hvaluale mass of electron from the above two experiments. 

Q 6. (a) Discuss Chadwick's experiment for the discovery of neutron. Compare the 
properties of electron, proton and neutron. 

(b) Rutherford’s atomic model is based on the scattering of u-particles 

from a thin gold foil. Discuss it and explain the conclusions. 

Q7. (a) Give the postulates of Bohr's atomic model. Which postulate tells us that orbits are 
stationary and energy is quantized? 

Derive the equation for the radius of nth orbit of hydrogen atom using 
Bohr’s model. 

(c) How does the above equation tell you that 

(i) radius is directly proportional to the square of the number of 

orbit. 

(ii) radius is inversely proportional to the number of protons in the 

nucleus. 

(d) How do you come to know that the velocities of electrons in higher orbits, are less 
than those in lower orbits of hydrogen atom ? 

Justify that the distance gaps between different orbits go on increasing from the 
lower to the higher orbits. 

Q8 Derive the formula for calculating the energy of an electron in nth orbit using 
Bohr’s model. Keeping in view this formula explain the following: 

(a) The potential energy of the bounded electron is negative. 

(b) total energy of the hounded electron is also negative. 

(c) Energy of an electron is inversely proportional to n\ but energy of higher orbits are 
always greater than those of the lower orbits. 
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(d) The energy difference between adjacent levels goes on decreasing sharply. 

Q9. (a) Derive the following equations for hydrogen atom- which are related to the 

(i) energy difference between two levels, n, and n 2 . 

(ii) frequency of photon emitted when an electron jumps from n z to n t . 

(iii) wave number of the photon when the electron jumps from n, to n r 

(b) Justify that Bohr's equation for the wave number can explain the spectral 
lines of Lyman, Balmer and Paschen series. 

QlO. (a) What is spectrum. Differentiate between continuous spectrum and line spectrum. 

(b) Compare line emission and line absorption spectra. 

(c) What is the origin of line spectrum? 

Q 11. (a) Hydrogen atom and He are mono-electronic system, but the size of He + is much 
smaller than H\ why? 

(b) Do you think that the size of Lf 3 is even smaller than He + ? Justify with calculations. 

Q 12. (a) What are X-rays? What is their origin? How was the idea of atomic 
number derived from the discovery of X-rays? 

(b) How does the Bohr's model justify the Moseley's equation? 

Q13 Point out the defects of Bohr’s model. How these defects are partially covered by 
dual nature of electron and Heisenberg's uncertainty principle? 

Q14.(a) Briefly discuss the wave mechanical model of atom. How has it given the idea of 
orbital. Compare orbit and orbital. 

(b) What are quantum numbers? Discuss their significance. 

tc) When azimuthal quantum number has a value 3, then there are seven values of 
magnetic quantum number. Give reasons. 

Q15. (a)Discuss rules for the distribution of electrons in energy subshells and in orbitals. 

(b) What is (n + () rule. Arrange the orbitals according to this rule. Do you think that this 
rule is applicable to degenerate orbitals? 

(c) Distribute electrons in orbitals of 57 La, M Cu, ,y\u r 2J Cr, J, J?n. 

Q16 Draw the shapes of s, p and d-orbitais Justify these by keeping in view the azimuthal 

and magnetic quantum numbers. 

Ql/ A photon of light with energy 10 1 J is emitted by a source of light. 

(a) Convert this energy into the wavelength, frequency and wave number of the 

photon in terms of meters, hertz and m *, respectively. 


(b) Convert this energy of the photon into ergs and calculate the wavelength in cm, 
frequency in Hz and wave number in cm 1 . 


. xlO a cm J 

y lb I he formula for calculating the energy of an electron in hydrogen atom given by 
Bohr's model 


(Ans:1.51xlO‘V l ; 1.98x1 0 b m; 5x1 Q’m' 1 ) 
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Calculate the energy of the electron in first orbit of hydrogen atom. The values of 
various parameters are same as provided in Q 19. (Ans:-2.18xlO' m J) 


Q 19 Bohr's equation for the radius of nth orbit of electron in hydrogen atom is 

_ €,hV 
r " ire'm 

(a) When the electron moves from n = 1 to n = 2, how much does the radius of the orbit 

increases. (Ans: 1 . 587 A) 

(b ) What is the di stance travelled by the electron when it goes from n=2ton=3andn=9 
ton^lO? 

[€„ - 8.85 x I0 ''c J in ,h = 6.624 x 10 31 js , tr - 3.14 , m = 9.108 x 10 31 kg, 

e = 1.602 xl0' 19 c] 

while doing calculations take care of units of energy parameter. 

U = kgnv s'\ c = kg 1 ' 2 m K s' 1 ] (Ans :2. 65 A; 10.05A) 

Q20 Answer the following questions, by performing the calculations. 

(a) Calculate the energy of first five orbits of hydrogen atom and determine the energy 
differences between them. 

(b) Justify that energy difference between second and third orbits is approximately five 
times smaller than that between first and second orbits. 

(c) Calculate the energy of electron in He " in first five orbits and justify that the energy 
differences are different from those of hydrogen atom. 

(d) Do you think that groups of the spectral lines of He + are at different places than those 
for hydrogen atom? Give reasons, 

Q21 Calculate the value of principal quantum number if an electron in hydrogen atom 
revolves in an orbit of energy' - 0.242 x 10 ,B J. (Ans: n=3) 

Q22 Bohr s formula for the energy levels of hydrogen atom for any system say H, 
He\Li 2+ ,etc, is 

E = 




Z Z _ 4 

e m 


8€„ h m 


or 






ewe 

(b) 


>x>° 




(c) 


For hydrogen: Z = 1 and for He ,Z = 2. 

Draw an energy level diagram for hydrogen atom and He 1 . 

Thinking that K — 2.18 x 10 J, calculate the energy needed to remove the electron 
from hydrogen atom and from He + . (Ans: 2 . 18 x 10' 18 J;8. 72x 10' 18 J) 

How do you justify that the energies calculated in (b) are the ionization 
energies of H and Me 1 ? 
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(e) 


Q23 


Q24 

(a) 

(b) 

(0 


Q 25. 


Use Avogadru'; 
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(b) 

(0 


inkjmol 1 for Hand He 1 . 

3kJ mol \-5249.4kJmor 1 ) 

^ experimental values of ionization energy of H and He + are 1331 kj 
mol and 5250 kj mol , respectively. How do you compare your values 
with experimental values? ' (Ans: 5249kJmol ’) 

C alculate the wave number of the photon when the electron jumps from 
(i) n = 5 to n = 2. (Ans: 2.3 x 10* m’) 

T V , n ~ 5 t0 11 T* (Ans: 1.05 xl0 7 m ') 

In which series of spectral lines and spectral regions these photons will appear. 

fAns ' (i > Balmer Series (ii) Lyman Senes ) 
A photon of a wave number 102.70 X 10 m ' is emitted when electron jump*' Irom* 
higher to n=l. 

Determine the number of that orbit from where the electron falls. (Ans: n =4) 
Indicate the name of the series to which this photon belongs. (Ans: Lyman scries) 
If the electron will fall from higher orbit to n = 2, then calculate the wave number of 
the photon emitted. Why this energy difference is so small as compared to that in 

, P ^f. » (Ans: 20.5 xH)W) 

(a) What is de-Broglies wavelength of an electron in meters travelling at half a 
speed of light? 

tm = 9.109 x Hr 11 kg , c - 3 x 10 r ms 4 ] 

„ . (Ans: 0.048 A) 

Convert the mass of electron into grams and velocity of light into ems 1 and then 
calculate the wavelength of an electron in cm. (Ans:0.048xlO' K cm) 

Convert the wavelength of electron from meters to 

(i) nm (ii) A (iii) pm . (Ans; 0.0048nm; 0.048A; 4.85pm) 
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CHEMICAL BONDING 


6.1.0 INTRODUCTION 

A chemical bond is the force, which holds together two or more atoms or ions to form 
a arge variety of compounds. The forces which are responsible for such bonding and the 
shapes of the molecules formed are as a result of chemical combination. The theory of 
chemical bonding has been a major problem of modern chemistry. In this chapter, we shall 
look into the nature of the chemical bonds formed between the atoms. 


6,1.1 Cause of Chemical Combination 

It has been observed that the chemical reactivities of elements, depend upon their 
characteristic electronic configurations. The noble gases with electronic configuration of 
valence shell Is (He) or ns^ np (Ne, Ar, Kr, Xe, etc.) show little tendency to react chemically, 
i here are just only a few stable compounds, formed by these elements like XeF, , XeF . 
XeOF, , Xe0 3 , etc. A noble gas does not react with another noble gas. Thus, these gases are 
the most stable of all the elements. Let us, see why noble gases are most stable. This can be 

expamed on the basis of their special electronic configuration. Their outermost s and D 
orbitals are completely filled. 


I 


,He = Is * J!H„ 

All other elements, combine with one another, due to an inherent tendency to 
stabilize themselves. They get their stabilization by losing, gaining or sharing electrons to 
attain the nearest noble gas configuration. The tendency of atoms to attain a maximum of 

Table ((H) m the va!ence she11 is knnwn as the 'octet rule 1 . A few examples are given in 


Table (6.1) Change in the electronic configurations of some elements after losing or gaining electrons 


Element 

Tendency 

O — — ^ uvwivnia CULCI UI L'iiiniJ 

Electronic configuration 

ng electrons 
Nearest 

Before electron loss or gain 

After electron loss or gain 

noble gas 

r,Ll 

yMg 

Electron loss 
Electron loss 
Electron gain 
Electron gain 

Is 2 2s 1 

Is 2 2s 2 2p s 3s 2 

2s 2 2p: 2p v 2 2 P ; 

Is 2 2s 2 2p s 3s 2 3 P ; 3p v ; 3p/ 

is 2 

W 2 s P 2p c 
Is 2 2 s 2 2p l 
ls s 2 s 2 2p ft 3s" 3p 6 

He (2) 
Ne (10) 
Ne (10) 
Ar (18) 


In certain cases, both tendencies i.e. to lose or gain electrons have been observed. But the 
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system will go by the conditions in which the chemical combination takes place. For example, 
in the chemical combination between sodium and hydrogen to form NaH, hydrogen atom 
gains an electron. In the formation of HF, the hydrogen atom donates the major share of its 
electron to fluorine atom. 

Anyhow, the 'octet' rule could not be made universal as the formation of compounds 
PF S , SF ( „ BC1 3 are not according to this rule. 

6.1.2 ENERGETICS OF BOND FORMATION 

According to the modern theory of chemical bonding, atoms form bonds as it leads to 
a decrease in energy. For example, when two hydrogen atoms approach each other, forces of 
attraction and repulsion operate simultaneously. The attractive forces tend to bring the two 

atoms close to each other and the potential 
energy of the system is decreased. On the 
other hand, the repulsive forces tend to 
push the atoms apart and potential energy 
of the system is increased. It has been 
found that the magnitude of potential 
energy for attractive forces is more than for 
repulsive forces. Therefore, potential 
energy decreases as the two hydrogen 
atoms approach each other Fig(6.1). 

Eventually, a slate corresponding 
to the distance of 75.4pm is reached, where 
the attractive forces dominate the 
repulsive forces. Here, the potential energy 
of the system is minimum and the hydrogen 

atoms are said to be bonded to form a stable molecule. So, this distance of 75.4 pm is called 
bond distance or bond length or compromise distance of two hydrogen atoms. When the 
atoms approach the distance of minimum energy, then the system of two hydrogen atoms is 
stabilized to maximum extent. The amount of energy evolved is dSe^SkJmor 1 and is called 
bond formation energy. In order to break the bond, the same amount of energy has to be 
provided. 

For the case, where repulsive forces are dominant than the attractive forces, the 
energy of the system increases and it leads to instability. Consequently, a bond is not formed. 

In order to understand bonding, the relative sizes of atoms should be known. 

ATOMIC SIZES 

ATOMIC RADII, IONIC RADII AND COVALENT RADII. 

The size of an atom is very important because many physical and chemical 
properties are related to it. Atoms are assumed to be spherical. That is why, we report the 
various types of radii to guess their sizes For this reason, the sizes of atoms are expressed in 



Fig: (6,1) Potential energy curve for 
the formation of H 2 molecule. 
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terms of atomic radii, ionic radii and covalent radii, etc,, depending upon the type of 
the compound used for its measurement. 

The atomic radius means the average distance between the nucleus of the atom and 
its outermost electronic shell. 

The radius of an atom cannot be determined precisely due to the following reasons . 

(i) There is no sharp boundary of an atom. The probability of finding an electron 
never becomes exactly zero even at large distances from the nucleus. 

(li) The electronic probability distribution is affected by neighbouring atoms. For 
this reason, the size of an atom may change from one compound to another. 

Atomic radii can he determined, by measuring the distances between the centres of 
adjacent atoms with the help of X-rays or by spectroscopic measurements. Atomic radii of 
elements of the periodic table in pm are shown in Table (6.2) . 


Variation of Atomic Radii in the Periodic Table 


In general, the atomic radii decrease from left to the right in a period and increase 
from top to bottom in a group of the periodic table. The decreasing trend in a period is due to 
the increase in the nuclear charge. As the nuclear charge increases, the pull on the electrons 

l_A Table (6.2) Radii of atoms and ions in the periodic table. 


37 


Vlll(o) 


11 -A 


1S2 

,J£_ 


186 

95 


m 


Mg 12 

169 

_65_ 


Symbol 

Ionic Radius* 
(pm) 



Atomic Number 
* Atomic Radius 
(pm) 


ll-A IV-A V-A Vt-A V!PA 


vm-B 


HUB IV-B V-B VI-BVIl-er 


"l PB H-B 


63 

35 


Al 13 

143 

50 


77 

Si 14 

117 

271 


TO 

-ill 


108 

171 


80 

J4D_ 


104 


64 

.m. 


Cl 17 


99 

181 


He 2 
31 


00 

112 


95 

164 


IS 


22? 

133 


Ca 20 


197 

n 


Sc 21 


161 

ai 


Ti 22 


145 

80 


131 

33 


125 

S3 


124 

SO 


124 

76 


125 

74 


Ni 28 


125 

72 


Cu 29 


128 

96 


2n 30 


133 

38 


Ga 31 


122 

62 


Ge 32 
122 


As 33 


121 

222 


Sfl 34 


117 

196 


114 

195 


Kr 36 


110 

169 


Rb 37 


248 

148 


Sr 38 


215 

113 


1B1 

92 


159 

79 


143 

74 


136 

_66_ 


135 

95 


247 

146 


137 

72 


Pd 46 


138 

86 


Ag 47 

145 

126 


Cd 48 


149 

114 


162 

132 


S n 50 


141 

71 


Sb 51 


141 

245 


Te 52 


137 

221 


t 53 


133 

216 


Xe 54 

130 

190 


265 

169 


217 

136 


187 

114 


Hf 72 


156 

78 


Ta 73 
143 


VV 74 


137 

68 


137 

72 


Os 76 


134 

87 


hr 77 

136 


Pt 78 
139 

-BE-.- 


144 

JI I. 


Hg SO 

160 

m 


171 

95 


154 


Bi 83 

154 

213 


Pa B4 


167 

230 


At 95 


140 

227 


ftn 96 
140 


270 

176 


220 

-HI. 


Ac 89 Unq104 UnplOS Unh 106 linslO? UnnlDfS Une109 
107 

_nfi_ 


is increased and size of an atom decreases. Moreover, the shielding effect remains the same 
from left to right in a period. 

The increase in atomic radii in a group is due to increase in the number of shells and 
the screening effect. The decrease of atomic radii is very prominent in second period, hut 
less in higher periods. Moreover, the decrease is small, when we travel from left to right in 
transition elements Sc(21) -Zn(3G) ? Y(39) -Cd(48) due to the intervening electrons. The 
screening effect is also called shielding effect. This is responsible for the decrease in force of 
attraction of the nucleus for the electrons present in the valence shell. 
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6.2.1 Ionic Radii and Covalent Radii . *q\> 

Ionic Radii 

s ^ 1 1)e lordc racdus 311 * on * s the radius of the ion while considering it to be spherical in 

1 he ionic radii of some ions in pm are given in Table (6.2). 

I he ionic radius of a cation is smaller than the atomic radius of the element from 
which it is derived. The ,onic radius of an anion is greater than the atomic radius of the 
corresponding atom. The radius of Na atom, for example, reduces from 186 pm to 95 pm after 
conversion into Na ion. The ionic radius of Cl ion increases from 99 pm to 181 pm. The 
cationic radius decreases with the increase in the effective nuclear charge on the ion. The 
decrease in radius is larger for divalent ions (Mg 2+ ) and still 
larger for ti ivalent ions (Al ). This is due to the reason that 
with the successive loss of electrons, the nuclear charge 
attracts the remaining electrons with a greater force. The 
inciease in the size of the anion is due to the increase in the 
electron-electron repulsion because of the increase in the 
valence shell electrons. Greater the amount of negative 
charge on an atom, greater the size of ion. 





Positive ion 



■(£)][ 1^) -J— Negative ion 


Tig (6.2) The relationaship of 
interiouic distance R and ionic 
radii (r + and r_ ) 

r ... p Variatlon °J 1 , onK ; radii in periods have the same trend as for atomic 

i a ii. But keep m mind that ionic radius for metals is for positive ions and for elements of 
group number VA to VILA are for negative ions, 

“ s consider ’ thc Positive and negative ions, which arc held together by 
electrostatic forces of attraction m a crystal lattice. Fig. (6.2), r and r are the values of radii 
of cation and anion, respectively. 

r , and ^ — of tlK “*»* “*» 

r*.+ r 

rhlnrid PaUli r^ determine the distan ce between K + and Cl ions in potassium 

chloride crystal and fuund that it was equal to the sum of the radii of the two ions. 

R = 123pm + 181pm = 314pm 

I hus, thc ionic radius appeared to he an additive property. Pauling extended this 
concept to other K" salts and calculated the radii of other ions from the relationshS 
r_= R r + 

Similarly, the ionic radii of different cations can also be determined. 

Covalent Radii 

^ The covalent radius of an element is defined as half of the single bond length between 
tv o similar atoms covalently bonded in a molecule, 

1^, th rr^A C ° ral f nt radi ' 1S ° f hydrogen ’ for exam P le T ^ 37.7 pm. It is half of die single bond 
ength / o.4 pm) between the two H atoms in H-H molecule, as shown in Fig (6.3). 
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The covalent radius of an atom can be used to 
determine the covalent radius of another atom. For 
example, the experimentally determined bond length of 
C-Cl in CHX'l is 176.7 pm. The covalent radius ofO-atonl 
being known as 99.4 pm, that of C-atom can he calculated 
by subtracting this value from C-Cl bond length. So, the 
covalent radius of C-atom = 176.7- 99.4 = 77.3 pm. 

The variation of covalent radii in groups and periods 
is almost the same as of atomic radii. 

Since energy changes are involved in the bond 
formation, so thermodynamic properties of elements need 
to be discussed before understanding the chemical bond. 









75.4 pm 

Fig (6.3) Covalent radius of 
H atom. (75.4/2 = 37.7 pm) 


6.3 IONIZATION ENERGY, ELECTRON AFFINITY AND 
ELECTRONEGATIVITY 
6.3.1 Ionization Energy 

1 he ionization energy of an element is the minimum energy required to remove an 
electron from its gaseous atom to form an ion. The process is called ionization, e.g. 

Mg -► Mg + +e~ AH — 738kJmol 1 

In the gaseous phase, the atoms and ions are isolated and are free from all 
extei nal influences. Ihus, the ionization energy is the qualitative measure of the stability 
of an isolated atom. The first ionization energies of elements are given in Tabic (6.3). 

Table (6.3) first ionization energies, electron affinities 

and electronegativities values of elements VII I (o 

Symbol — |H 


l-A 


H 1 
1313 
-73 

M. 


II -A 


LI 3 
52 Q 
- 1.6 
1.0 


Na 11 
A9f> 
-53 


Be 4 I 

| Electronegativi t y- 


1 

1313 
-73 
— 2 


— Atomic Number 
, First lomzationEnergy 
(KJmof 1 ) 

■ T l El&nfmn j 


lll-A IV- A V-A Vl-A Vll-A 


K 19 
419 
-48 


Rb 37 
403 
*47 
0 6 


Cs 55 
376 
*46 

-ELI 


Fr 67 


0.7 


Mg 12 
736 

230 

1.3 


Ca 20 
590 
156 
1.0 


lll-B IV-B V-B VI-BVIl^Br" 


- Electron Affinity 
(kJmor 1 } 

Vlll-B 

1 |-B 


II -B 


Sr 36 
550 
iy 
10 


Y 39 
616 


Ba 56 
503 
52 
0.9 


Ra 66 
509 

0.9 


Sc 21 
631 

ii 


AA 


La 57 
536 


Ti 22 
65 R 

-36 
- - 1 3 


Zr 40 
660 

Ad 


Hf 72 
642 


1-3 


23 

650 

-90 


Nb 41 
664 

_L 


Ta 73 
761 

11 


Ac 93 Uiiq 1 04 Unpl Q5 UnhlOS Un& 107 
490 


Cr 24 
653 
-64 
LI 


Md 42 
665 
-96 
AA 


W 74 
770 
50 

Id 


Mn 25 
717 

AA 


Tc 43 

702 

1.9 


Ru 


Re 75 
760 
-14 

1 


Ft 26 
759 
-56 

— .1-9 


711 

JU 


Os 76 


2.2 


Co 27 
756 
-90 
Li 


Rh 45 
720 

AJ. 


77 

060 

JL1 


U no 108 Unci 09 


Ni 28 
737 
-123 

Id 


Pd 46 
60S 


Pt 78 
870 
-2QS 
2 3 


Cd 29 
746 
-123 


Ag 47 

731 
*126 
1,9 


Au TB 
830 
■223 
AS 


Al 13 
576 
-50 
L5 


in 30 
906 


1.7 


Cd 43 


Al 


Hg SO 
1907 


a 5 
601 
-S3 
2.0 


Ga 31 
579 
■36 

jli 


In 49 

■34 
Al 


Tl 01 
539 
-48 

ML 


C 6 
1086 
-423 
2.5 


Si 14 
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Factors Influencing the Ionization Energies ' 

It is observed that the ionization energies of atoms depend upon the following 

factors, 

(i) Atomic radius of atom 

(ii) Nuclear charge or proton number of the atom 

(iii) Shielding effect of inner electrons 

Civ) Nature of orbital 

Variation of Ionization Energy in the Periodic Table 

In the periodic tabic, the ionization energies increase from left to right in a period 
with the increase in the proton number, until a maximum value is reached at the end of the 
period. This may be explained in terms of the periodicity of the electronic configuration of 
elements. Each period begins with an element which has one electron in its valence shell and 
ends with the completion of an electronic shell. The increase in the atomic number is 
associated with the increase in nuclear charge which leads to a stronger force of attraction 
between the nucleus and the increasing number of electrons. The stronger force of 
attraction, ultimately results in difficult removal of electrons. 

In groups, the ionization energy decrease in spite of the increase in proton number or 
nuclear charge. This is due to successive addition of electronic shells as a result of which the 
valence electrons are placed at a larger distance from the nucleus. As the force of attraction 
between the nucleus and the outer electron decreases with the increase in distance, the 
electron can be removed more easily or with less energy. Moreover, the force of attraction 
also decreases due to increasing shielding effect of the intervening electrons. 

The ionization energies of group III-A and VTA show abnormal trend. This can be 

understood from the distribution of the electrons. 

Higher Ionization Energies 

So far, we have explained the first ionization energy. The energy required to remove 
an electron after the removal of first electron is called second ionization energy. 

Mg + ► Mg ++ + e" AH = 1450kjmol'! 

Similarly, the energy required to remove third electron after the removal of second 
one is called the third ionization energy, and it is 7730kJ for Mg. It means that the ionization 
energy values undergo an increase with the increase in the number of electrons to be 
removed. This is due to the reason that second electron is removed from a positively charged 
ion rather than a neutral atom. The dominant positive charge holds the electrons more tightly 
and thus further removal of electrons becomes more difficult. 

Ionization energy is an index to the metallic character. The elements having low 
ionization energies are metals and those having high ionization energies are non-metals. 
Those with intermediate values are mostly metalloids. 

The gaps in the first, second, third and higher ionization energies help us to guess the 
valency of an element. If, there is sufficient gap between first ionization energy and second 
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one, then the elemen L shows valency of one. 

6.3.2 Electron Affinity 

The electron affinity of an atom is the energy released when an electron adds to an 
empty or partially filled orbital of an isolated gaseous atom in its valence energy level to form 
an anion havingaunit negative charge- e *A 

Cl(g}+ e (.g) ► Cl"(g) AH = -349kJmol 1 

Since, energy is released, so electron affinity is given the negative sign. Electron 
affinity is the measure of the attraction of the nucleus of an atom for the extra electron. The 
electron affinities of elements of the periodic table are given in Table (6.3). 

Factors Influencing the Electron Affinity 

The electron affinities, like ionization energies, are influenced by the factors such as 
atomic radius, the nuclear charge and the shielding effect of inner electrons. As the force of 
attraction between the valence electrons and the nucleus decrease with the increase in the 
atomic radius, the electron affinities usually decrease. 

Variation in the Periodic Table 

In a period, Lhe atomic radius decreases due to increase in the nuclear charge. Thus, 
the electron affinities of elements increase from left to right i n the periodic table. That is why, 
Lhe alkali metals have the lowest and the halogens have the highest electron affinities. In 
groups, on the other hand, the atomic radii increase with the increase in the proton number 
due to successive increase of electronic shells. This also exerts a shielding effect on the force 
of attraction between Lhe nucleus and the valence electrons. Thus, the electron affinities 
usually decrease from top to bottom. 

There are, of course, exceptions to this generalization c.g. fluorine has electron 
affinity less than that of chlorine, Table (6.3). Actually, fluorine has very small size and seven 
electrons in 2s and 2p subshells have thick electronic cloud. This thick cloud repels the 
incoming electron. 

The elements of group 1 1A , VA and VIII show abnormally low values in every period 
of the periodic table. This can be u nderstood from their electronic configurations. 

6.3.3 Electronegativity 

Fora homonuclcar diatomic molecule c.g. H„ , the bonding pair of electrons is equally 
shared between the atoms. On the other hand, in a bond between dissimilar atoms such as in 
HE the electron density of the bonding electrons lies more towards the fluorine atom than 
towards the hydrogen atom. The mndency of an atom to attract a shared electron pair 
t- .wards itself is called its electronegativity. 

It is related to the ionization energy and the electron affinity of the element. Thus, 
fluorine atom is more electronegative than hydrogen atom. Pauling calculated the 
electronegativity values of elements from the difference between the expected bond 
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energies for iheir normal covalent bond and the experimentally determined values He 
devised an electronegativity scale on which fluorine is given an arbitrary standard value 4.0. 
1c is the most electronegative element. The electronegativity values of other elements are 
compared with fluorine, andare given in Table (6.3). Electronegativity has no units. 

Variation of Electronegativities in Periodic Table 

A comparison of electronegativities shows that the values increase in a period with 
the decrease in atomic size. These values decrease in a group as the size of the atoms 
increase, he electronegativity differences of the elements can be related to the properties 
ot bonds such as dipole moments and bond energies. 

^ The difference in the electronegativity values of the bonded atoms is an index to the 
polai nature of the covalent bond. When the difference is zero, the bond between the two 
atoms is n on-polar. Thus, all the bonds which are formed between similar atoms are non- 
polar in character, while those formed between different elements are mostly polar. 

lements of widely different electronegativities form ionic bonds. A difference of 1 7 units 
shows roughly equal contributions of ionic and covalent bonds. Some examples of polar and 
non polai bonds are discussed under covalent bond in section 6,4.1. 

Having understood the periodic properties of elements, let us discuss types of bonds. 

6.4 2 TYPES of bonds 

Chemical bonds can be classified as : 

(i) Ionic bond 

(ii) Covalent bond 

(iii) Coordinate covalent bond 

F - , , ^ shall ex P laJn these bonds with the help of different theories of chemical bonding. 

hirst otall let us discuss the Lewis concept of bond formation. 

6.4.1 LEWIS CONCEPT 

' With the help of this concept, we can understand the tendencies of elements to have 
i elation with each other. 


(i) Ionic Bond 

According to the Lewis theory, ionic bond is formed by the complete transfer of 
electron or electrons from an atom with low ionization energy to another atom with high 
electi on affinity. In energy terms, the electropositive elements are at a higher energy stale 
than the electronegative elements. The energy difference will be responsible for the transfer 
or electrons ft om a higher energy state to a lower energy state. 

Let us consider, the example of the formation of potassium chloride. The electronic 
configuration of potassium is Is 2 s’ 2p fc 3a* 3p fi 4s\ It may be represented as K (2, 8 8 1) It 
tends to lose the outermost electron and to form K' ion. The energy needed to detaih an 
electron from potassium atom is equal to its first ionization energy. So 
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K (3, 8,8,1) ► K + (2,8,8)+ e" AH = 419.0HJmol'' 

.After the loss of an electron, potassium attains the nearest inert gas configuration of 
Ar (2,8,8). Chlorine atom has the electronic configuration ls“ 2 s 2p' 3s 3p or Cl (2,8,7). It 
tends to gain electron lost from potassium atom to attain the nearest inert gas configuration 
of Ar (2,8,8) releasing 348.6 kj mol 1 energy. This energy corresponds to the electron affinity 7 
of chlorine. 

: Ch + e" — ► : CT : A’H = -349kJmo!' ! 

The oppositely charged K and Cl ions are held together by strong electrostatic 
force of attraction. IC and Cl ions arrange themselves to form a crystal lattice where 
proportionate number of cations and anions are packed together. The energy released during 
the formation of crystal lattice is 690 kjmol l . It is called lattice energy of KC1. 

Similarly, the elements of I-A Li, Na, K, Kb, Cs arc good losers of electron. The 
elements of VILA, F, Cl, Br, I are good gainers. So, ionic bonds are there in these atoms. A 
similar type of bond is expected between elements of group II- A and VI -A . 

In most of the cases the formation of dipositive, tripositive and dinegative ions lakes 
place as follows: 

Ca (2,8, 8,2) * Ca 2+ (2,8,8.)+ 2e 

A1 (2,8,3) ^ (2,8) + 3e 

0(2,6) +2e *■ O 2 (2,8) 

S (2,8,6) + 2 e’ “ ► S 2 ‘ (2,8,8) 

Calcium oxide contains ions in the ratio of Ca' 1 : 0” and its formula is CaO, while 
in aluminium oxide, Al i+ and 0“ ions are present in the ratio 2 :3. Its formula is Ah 0 , . 
Similarly, CaS and ALS.i are also ionic compounds to some extent. 

The compounds formed by the cations and anions are called ionic or electro valent 
compounds. There exists a strong electrostatic force of attraction between cations and 
anions in these compounds. 

Criteria of electronegativity also helps us to understand the nature of bond. So, in order 
to decide the % of ionic nature in a compound, it is better to note the difference of 
electronegativity between the bonded atoms. If the difference is 1.7 or more than that, then the 
bond is said to be ionic. Keeping this aspect in view, NaCl has 72 % ionic character. CsF has 92% 
ionic character and calculations tell us that there is no bond with 100% ionic character. 

(ii) Covalent Bond (election pair bond) 

According to Lewis and Kossel, a covalent bond is formed by the mutual sharing of 
electrons between two atoms. While sharing, each atom completes its valence shell and 
attains the nearest inert gas configuration. A covalent bond may be non-polar or polar in 
character. 

Non-Polar Covalent Bonds 

In such bonds, the bonding electron pairs are equally shared. For example, in H , or CL 
molecules, the two electrons forming the covalent bond arc equally shared by the two 
identical atoms having same electronegativities. Due to an even distribution of charge, the 


I 


164 


bonded atoms 

^01 lH ydrogen | 







ically neutral. 


Chlorine 




p.e 


to° 




$ 




H.-Il or H— H . Cl: Cl : or Cl— Cl 

1 he other such molecules are F a , Hr and ^Similarly, CC1, is a uon-polar compound. 

“*! cancellati “‘ <* •» «» dipoles of this molecules due toils symmetry. Actually, 
at. die C-Cl bonds ai e polar, but molecule is non-pol a r overall. 


Tetrachlorom ethane 


:C1: 


Cl 


: Cl : C : Cl : 
:Q: 


or 


Cl — C— Cl 

I 

The molecules like CH,„ SiH, and SiCL also follow the same attitude of non-polarity due to 
symmetry of structure. 

Polar Covalent Bonds 

ii ^ hen .^° differe L nt atoms are J° ined ^ covalent bond, the electron pair is not 
equally shared between the bonded atoms. The bonding pair of electrons will be displaced 
towards the more electronegative atom. This would make one end of the molecule partially 
positive and the other partially negative as shown by the following examples. 


{Hydrogen fluoride 


HxF: 

Meth yl chlorid e! 


or 


H fi+ xF 


| Water 


H 

H : C sCIS 

^ # MX 

H 


HxOxH 

H 




or. 


H'- 


*0* 


\ 

H 


or 


/ c v 

H i c t 
H 


polar bond CthanGl ^ ^ ^ cxample of a pn]ar covalent molecule, because it contains a 

H 


Methanol 


H 

H : C : 0 ; H 

. , Xx 


or 


H 


I 


- c — tr 

H I ^ h° t 

i j T ^ n at0m f an sha 5 e ™ re than one electrons to form what is called a double or triple 
bond. The examples are 0 2 , N 2 , CO,, CS 2 , etc. J 

_ N, is an inert gas having a strong triple bond. 

{Nitrogen 1 




:N : : : N: or ;N - N: 

The molecule of 0 2 makes a double bond. 
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Oxygen 


355 




0::0 or y;=u 
Here, caibon dioxide is a non-polar covalent compound, although it is formed from 
heteroatoms. The linear structure balances the polar character on both sides of the carbon 
atom. 


0=6 


>to° 






Carbon dioxide 


:0 : : C : : O : or 6 = C = 6 

Here, each bond represents a pair of electrons. Thus, in the formation of a double 
bond ( — ), two shared pairs and in that of a triple bond ( = ), three shared pairs of electrons are 
involved. 

Some of the non-metallic atoms, particularly carbon atoms mutually share their 
electrons with each other. This leads to the formation of extended chains which is the basis of 
the formation of large sized molecules called macromolecules. Diamond, graphite and SiC 
are the best examples of such molecules. 

Carbon can make single, double and triple covalent bonds in alkanes, alkenes and 


alkynes. 

2*'*' 


Ethane ! 




a a 

H : C : C : H 

H ii 


or 
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H H 
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>to° 
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i : " rn 

Silicon also gives similar type of hydrides, called silanes. The formula of disilane is like 
that of ethane. 


Disilane 


or 


H H 


i 


H H 

H : Si : Si : H H Si— Si— H 
H H H H 

The compounds of carbon and hydrogen showing double and triple bonds are called 
alkenes and alkynes. Let us, take the examples of ethene and etliyne 


Ethen e [ 


H H 

. c •• c; 

H H 


Ethyne 


H V v H 

or c - C 
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H : C i: C : H 


or 


II— C =C-H 
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V H 


iii) Coordinate Covalent Bond 

A coordinate covalent bond is formed between two atoms when the shared pair of 
]i '' ;rnns !S donated by one of the bonded atoms. Let us consider, the example of bond 
mi ina Lion between N H , and BF r NIL, has three covalent bonds and there is a lone pair of 
electrons on nitrogen atom. On the other hand, boron atom in BF, is deficient in electrons. 
Actually, the octet of B is not complete in RF :j . Therefore, nitrogen can donate the pair of 
elections to the acceptor Bk and this results in the formation of a coordinate covalent bond. 
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H- 


H 

I > 


N:+ B - F - 
! I 
H F 

donor acceptor 


II 

! 

II- N- 


H 

complex 


U*.,, 

F 

1 

F 






The complex so produced is overall neutral, and charges are indicated on N and B atoms. 

In some of the compounds, after the formation of a coordinate covalent bond, the 
distinction between covalent bond and coordinate bond vanishes. 

Water donates its electron pair to H ion to give HAT ion. All the three bonds 
between oxygen and hydrogen have equal status. Every bond is 33% coordinate covalent and 
66% covalent. ^ ^ H 

H + — * 


A 

H II 


+ 


t 

A 

H H 


i donor acceptor hydronium ion 

Similarly, all the alcohols and ethers offer their lone pairs to II just like water to give 
coordinate covalent bonds. The ions so produced are called oxoniurn ions 

^0° .. ? 


ftc e 


R H +H 
an alcohol 


/A 

R R 


+ II 1 


R 


R / ” X II 

H 

t 

/Q\ 


ft©® 


to 0< 


oxonium ion of alcohols 


R 


oxonium ion of ethers 


an ether 

Ammonia donates its electron pair to FT ion to give NH, + ion. All the four bonds behave 
alike, in NH,' ion. ; 

H H F H 

1I~N?+ H 4- — ► H— N* — ► H or TT ^N_, 

1 I II / H 

hiih 

donqr acceptor L 

ammonium ion 

All the primary, secondary and tertiary amines like ammonia make such bonds with 
PH , combines with H Ao give PIE ion called phosphonium ion. 

;e covalent bonds are present in UNO. . Many oxyaeids of halogens, like 
C10 3 , HClOj have coordinate covalent bonds between chlorine and oxygen. 

MODERN THEORIES OF COVALENT BOND 
Limitations of Lewis Model 

Classical Lewis model does explain, that how atoms are bonded to one another. It 
also tells, how the electron pairs are shared between thg bonded atoms. But a logical question 
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arises: . Q 

Are these explanations just enough to justify the diversified world of molecules 
and how do the electrons avoid each other inspite of their repulsions? 

The answer simply lies in the fact, that the Lewis model seems to be an over 
simplification. Shapes of molecules are very important because many physical and chemical 
properties depend upon three dimensional arrangement of their atoms. A true model should 
be able to justify molecular shapes and geometries of molecules, bond polarities, bond 
distances and various energy transitions as evident by spectroscopic techniques. This model 
should also make clear the unique behaviourial features of molecules during chemical 
reactions. 

Following are the modern theories, which explain satisfactorily the above 
requirements for covalent bond formation, based on wave-mechanical structure of atoms: 

1 . Valence shell electron pair repulsion theory (VSEPR Theory) 

2. Valence bond theory' (VBT) 

3. Molecular orbital theory' (MOT) 

In addition to above, crystal field theory and ligand field theory explain the formation 
of coordination complex compounds formed by transition metals. 






6.4.3 VALENCE SHELL ELECTRON PAIR REPULSION THEORY 

Sidgwick and Powell (1940) pointed out that the shapes of molecules could be 
interpreted in terms of electron pairs in the outer orbit of the central atom. Recently, 
Nylholm and Gillespie developed VSEPR theory, which explains the shapes of molecules for 
non- transition elements. 


Basic Assumption 

The valence electron pairs (lone pairs and the bond pairs) are arranged around the 
central atom to remain at a maximum distance apart to keep repulsions at a minimum. 


Postulates of VSEPR Theory 

(i) Both the lone pairs as well as the bond pairs participate in determining the 
geometry of the m olecules . 

(n ) The electron pairs arc arranged around the central polyvalent atom so as to remain at 

a maximum distance apart to avoid repulsions. 

(iii) The electron pairs of lone pairs occupy more space than the bond pairs. 

A bonding electron pair is attracted by both nuclei of atoms while non- bonding by 
unly one nucleus. Because a lone pair experiences less nuclear attraction, its electronic 
charge is spread out more in space than that for bonding pair. As a result , the non- bonding 
electron pairs exert greater repulsive forces on bonding electron pairs and thus tend to 
compress the bond pairs. 

The magnitude of repulsions between the electron pairs in a given molecule 
decreases in the following order: 
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I /trie pair lone pair > tonepair b<jpdp^sir> bond pair - band pair 
These repulsions are called van der Waals repulsions 
(ivj I he two electron pairs ot a double bond and three elect run pairs of a triple bond, 
contain a higher electronic charge density. Therefore, they occupy more space than one 
electron pair of a single bond, but behave like a single electron pair in determining the 
geometry of the molecule. This is because, they tend to occupy the same region between the 
two nuclei like a single bond. 

In order to illustrate this theory, let us consider, that the central atom is 'A' and this 
atom is polyvalent. More than one B' type atoms are linked with 'A' to give AB„ AB„, AB 4 , etc. 
type molecules. It depends upon the valency of A, that how many B are attached with that. 
Following Table (6.4) gives the shapes of different types of molecules. 

Table (6.4) Shapes of molecules according to VSPBK Theory 


Type 

Electron I^irs 

Arrangement 
of pairs 

Molecular 

geometry 

Shape 

Examples 

Total 

Bonding 

Lone 

AR, 

2 

2 

0 

Linear 

Linear 

K A - R 

Bed, 

HgCi- 

Air 

3 

3 

0 

Ttigoaal 

planar 

Trigonal 

planar 



A — B 

.g k 

BH. BF, 

AiCij 

2 

1 

Rent (or 
angular 

A s 

long then 120 5 

SnCL t SO, 

AB, 

4 

4 

0 

Tetrahedral 

Tetrahedral 

B 

163.5" 

AJ 

■ & Z 

CH . SiCI„ 
CCl . P 
Nil SQf 

3 

I 

Trigonal 

pyramidal 

leas then HW-5 

NH . NF 
PH 

2 

2 

Bent (or 
angular 

A 

k'Sii then 11)325 : 

H.O, H,S 


Molecules Containing Two Electron Pairs f ABj type) w 

In such, molecules two electrons pairs around the central atom are C1 C] 

arranged at fai ther distance apart at an angle of 180 , in order to minimize 
repulsions between them. Thus, they form a linear geometry. 

Beryllium chloride is a typical linear molecule, which contains two 
electrons pairs. MgCl,, CaCl, SrCL. CdCl, and HgCl ? are also linear molecules. 

The central atoms have two electrons in outer most orbitals. Cl— -Mg * a 

2. Molecules Containing Three Electron Pairs — - ( AB 3 type: ) 

(a) ABj Type with no Lone Pairs 

In such molecules, central atom contains three bonding electron pairs, which are 
arranged at maximum distance apart at a mutual angle of 120°, giving a triangular planar 
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geometry'. The boron atom in BH, is surrounded by three charge clouds, which remain 
farthest apart in one plane, each pointing towards the corners of an equilateral triangle. 
Thus, BH, molecules has a trigonal planar geometry, with each H- B-H bond angles of 120 . 

We expect similar geometries in hydrides of group III-A (A1H , GaH.„ TnH :j and 

TlILJand their halides (BF„ A1CI, .etc.) 

(b) AB 3 -Type with One Lone Pair and Two Bond Pairs 

In SnCF, one of the corner of the triangle is occupied by a lone 
pair, giving rise to a distorted triangular structure in vapour phase. 


(c) AB/I'ype with Multiple Bonds 

In SO-,, one corner of triangle is occupied by a lone pair and two 
corners each by S = 0 double bond, while in SO, all three regions, each are 
occupied by S - 0 bonds. This structure of SO,, is perfectly triangular. 

(iii) Molecules Containing Four Electron Pairs (AB 4 - Type:) 
(a) AB, Type with no Lone Pairs 

The charge clouds due to four electron pairs avoid their 
electrostatic repulsions by drifting apart, so as to maintain a mutual bond 
angle of 109.5 u . Such geometry enables to a form a shape of regular 
tetrahedron 

Examples: 

Each of the four valence electrons of carbon pair up with sole 
electron of hydrogen in methane. 

fi C = 1 s', 2 s 1 , 2px‘, 2py\ 2py ! 

The four electron pairs are directed from the center towards the 
corners of a regular tetrahedron, with each apex representing a hydrogen 
nucleus. The arrangement permits a non-planar arrangement of 
electron pairs. Each H-C-H bond is perfectly 109.5 On the same 
grounds, SiH 1; GeH., CC1, form similar geometries. This structure has 
four corners, four faces, six edges and six bond angles. 


(b) AB, - Type with One Lone Pair and Three Bond Pairs 

In such cases, the charge cloud of lone pair electrons (non- 
\ bonding electrons) spreads out more than that of bonding electrons. As a 
■' result, some what large lone pair charge cloud tend to compress the bond 
angles in rest of the molecules. 
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Ammonia, Nil, is a typical example. 

,N=l s ',2s I ,2p. , ,2p;,2p,‘ 

The non-bonding electron in 2s orbital takes up more space and exerts a strong 
repulsive force on the bonding electron pairs. Consequently, to avoid a larger repulsion, the 
bonding electron pairs move closer that reduces the ideal bond angle from 109.5“ to 107.5 '. 
This effect compels ammonia to assume a triangular pyramidal geometry instead of 
Letrahedral, as in methane. 




Similar, affects are evident in the geometries of molecules like PH,, AsU„ SbH„ 
and BiH ;) . Substitution of hydrogen with electronegative atoms like F or Cl further reduces 
the bond angle. In NF „ the strong polarity of N-h bond pulls the lone pair of N atom closer to 
its nucleus, which in turn exerts a stronger repulsion over bonding electrons. Thus, the angle 
further shrinks to 102 . Moreover, the bond pairs N-F bonds are more close to F atoms than N 
atoms. The increased distances in these bond pairs makes their repulsions less operative. 


(c) AB r Tvpe with Two lone Pairs and Two Bond Pairs: 

Presence of two lone pairs, introduces three types of repulsion i.c. lone pair-lone 
pair, lone pair-bond pair and bond pair-bond pair repulsion. For example: water (H„0), a 
triatomic molecule is expected to be an All type linear molecule like BeCl and CO, . But, 
experimental evidences confirm a bent or angular geometry. VSEPR theory, successfully 
justifies the experimental results by arguing the participation of lone pairs,' in addition to 
bond pairs in determining overall geometry of water molecule 
s O - Is 2 , 2s", 2p“ s , 2p 1 yJ 2p', 

Two of the corners of a tetrahedron are occupied by each of the two lone pairs and 
remaining by bond pairs. But owing to spatial arrangement of lone pairs and their repulsive 
action among themselves and on bond pairs, the bond angle is further reduced to 104.5 11 . H,S, 
H .Se, IFTe form similar geometries. 




6.4.4 Valence Bond Theory fVBT) 

VSERP theory predicts and explains the shapes of molecules but does not give 
reasons for the formation of bonds. VBT is concerned with both the formation of bonds and 
the shapes of molecules. 

This method of describing a covalent bond considers the molecule as a combination 
of atoms. According to the quantum mechanical approach, a covalent bond is formed when 
half-filled orbitals in the outer or valence shells of two atoms overlap, so that a pair of 
electrons, one electron from each atom, occupies the overlapped orbital, As a result of this 
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overlap, the electrons with opposite spins become paired to stabilized themselves. Larger 
the overlap, the stronger is the bond. The essential condition for chemical bonding, is that 
the orbitals of atoms participating in bond formation must overlap and the direction of the 
bond is determined by the direction of the two overlapping orbitals. 

The formation of few molecules as a result of s and s orbital overlap, s and p orbital 
overlap and p and p orbital overlap are discussed below. 

The formation of a hydrogen molecules according to VB theory is shown in b'ig. {6.4}. 
As the two atoms approach each other, their Is orbitals overlap, thereby giving the H-Hbond. 
The electron density becomes concentrated between the two nuclei. The bond is called a 
sigma (a) bond and it is defined as follows: 

A single bond is formed when two partially filled atomic orbitals overlap in such a way 
that the probability of finding the electron is maximum around the line joining the two nuclei. 



1 


+ 



+ 


+ + 



Separated H atoms Overlapping of orbitals Covalent bond in H ? 

Fig. (6.4) s and s orbital overlap in H 2 
Let's look at a molecule hydrogen fluoride, HE The H-F bond is fomed by the pairing 
of electrons - one from hydrogen and one from fluorine. According to VB theory, we must 
have two half-filled orbitals - one from each atom that can be joined by overlap. 

jH - Is 




J BQ J 

- H 2p, 2p y 2p, 


The overlap of orbitals provides a means for sharing electrons, thereby allowing each 
atom to complete its valence shell. The fluorine atom completes its 2p subshell by acquiring 
a share of an electron from hydrogen as shown below. 

00 111 

S F - 2s 2p, 2p v 2p ; 

The requirements for bond formation are met by overlapping the half- filled Is orbital 
of hydrogen with the half-filled 2p orbital of fluorine. There are then two orbitals plus two 
electrons whose spins can adjust so they are paired. The formation of the bond is illustrated 
in Fig. (6.5) 




oVS - 9 


Fig. {6.5} The formation of the hydrogen fluoride molecules. 


The bond in the fluorine molecule, F, is formed by the overlap of half-filled 2p, orbital 
on each fluorine atom,Fig (fi.fi ) . 
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Fig.(6.6) The formation of the fluorine molecule. 


. _ Co y alent ^ on ^ s can a ^ so torm ^ side-to-side overlap of p orbitals, as shown in 
Fig.(b,7). 1 he result is a pi (71) bond, in which the greatest electron density lies above and 
below the inter nuclear axis. Consider, the bonding between nitrogen atoms having the 
electronic configuration V 2s 2 2p, 2p v 2p,. The three unpaired electrons on each atom are 
located m perpendicular p orbitals, which are oriented so that if one end-to-end p orbital 
overlap occurs (resulting in a sigma bond), the other two p orbital cannot overlap in the same 

lashion. Rather, they are aligned parallel to the corresponding orbital in the other at urn 
Fig(6.8 ). 



big. (6.7) The sideway overlap of two atomic 
p orbitals to give a 71 bond. 

j>T 


Sideways overlap 

T ^ — ►of the other orbitals 

forms two pi bonds 

big. (6.8) The two nitrogen atoms showing 
one sigma bond and two n bonds 


Now, let us look at the molecule of H 2 S. This is a non-linear molecule, and the bond 
angle between the two H-S bonds is about 92°. 

Each two dp orbitals of sulphur containing one electron can overlap with the Is 
orbitals of hydrogen atoms. 
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C l 1 %\ t 

S — 3s 3p„ 3p, 3p 


73 ^ 


Thus, the VBT require, rhe idea of overlap to explain the geometry of the hydrogen 
sulphide molecule, Fig. (6.9 ). s 




Fig, (6.9) Bonding in H,S showing 
overlap of orbitals 


iW 


6.4.5 Atomic Orbital Hybridization and Shapes of Molecules 

So far we have regarded overlap taking place between unmodified atomic orbitals 
formation of some molecules present problems. We face the problem of explaining 
equivalent tetra- valency of carbon and the bond angles in HX) and NH, molecules. In order to 

exptem the formation of bonds and shapes or geometry of molecules, the idea of 
hybridization has been introduced. 

According to this, atomic orbitals differing slightly in energy intermix to form new 
orbitals, which are called hybrid atomic orbitals. They differ from the parent atomic orbitals 
in shape and possess specific geometry. 

The atomic orbital hybridization gives a satisfactory explanation for the valency of 
the elements. In some cases, the electrons belonging to the gron nd state are promoted to the 
excited state as a result of which there is an increase in the number of unpaired electrons. 

, 1 hes ® e L X( ; lte ^ orbltals under g° hybridization simultaneously, because promotion of 

e a runs and hybridization is a simultaneous process. The energy required for the 
excitation is compensated by the energy released during hybridization and the process of 
bond formation with other atoms. Hybridization leads to entirely new shape and orientation 
of the valence orbitals ol an atom. It holds significant importance in determining the shape 

and geometry of molecules, & F 

Depending upon the number and nature of fhe orbitals participating in hybridization 
different types of hybridization take place. For example, s and p orbitals of simple atoms are 
Iiy lindized to give sp , sp and sp hybridized orbitals. 

(i) sp‘ Hybridization 

In sp hybridization, one s and three p atomic orbitals intermix to form four 
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equivalent orbitals called sp 1 hybrid atomic orbitals. Let us discuss the structures of 
CH„ NIL, and H.O by understanding the sp" hybridization of carbon, nitrogen and oxygen- 
atoms. 


Bonding and Structure of Methane, Ammonia and Water 

The electronic distribution of carbon atom should be kept in mind to understand 
intermixing of orbitals. Electronic configuration of S C, its electronic excitation and 
hybridation is given as follows. 


C, = (ground state) =ls 


C 6 = (excited state) — 


s 

fl] ]3J 

2u. 2o 


_ Q] n " 

Ip* 2p v 2p E 

8 

: P, 2p, 


s mw 


j, j . 3 3 

sp sp sp tip 


C, ; = (hybridized state)— Is 
The energies of hybrid orbitals are lower than unhybridized orbitals, hollowing 
diagram Fig. (6.10) shows, how outermost four atomic orbitals of carbon mix up to give fnur 
hybrid orbitals of equal energy and shape. 




^° V 


9 

2s orbital 


Zp, orbital 



V 

0f . 

0\ 



2p„ orbital 


' Y 


2p. orbital 


Fig (6.10) sp' hybridization of carbon atom 
to give four sp ! hybrid orbitals 


shape of one sp J orbrtal 
having two lobes 


j* 

Four sp hybrid ocbilals 


The four new hybrid orbitals of equal energy have a tetrahedral geometry with 
carbon at the centre. The four equivalent hybrid orbitals are directed towards the four 
corners of a regular tetrahedron. Each sp' hybrid orbital consists of two lobes, one larger and 
the other smaller. For the sake of simplicity, the small lobe is usually not shown while 
representing sp" hybrid orbitals. The hybrid orbitals are oriented in space in such a manner 
that the angle hetween them is 109.5’ as shown in Fig(6.11a,b). Methane molecule is formed 
by the overlap of sp ’ hybrid orbitals of carbon with 
1 s orbitals of four hydrogen atoms separately to 
form four sigma bonds. 

The molecule, thus formed, possesses a 
tetrahedral geometry. The four C-H bonds which 
result from sp 3 -s overlaps are directed towards the 
corners of a regular tetrahedron. There are six 
bond angles each 109.5°. The tetrahedral structure 
of CH, has four faces, four corners arid six edges. 

molecule. 




Fig (6.11) Four sp’-s overlaps in 
tetrahedral structure of Cl I. 
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. 0 V3-V' 

Ammonia 

To understand the sp 3 hybridization of 
nitrogen-atom in NH a , we should know ■ 

electronic configuration of 7 N. 


r N (ground state) =ls 2s 
,N {hybridized state) = H 


JJ 0 [11 

2p s 2p, 2p_ 


If 1 1 1 



Fig (6.12) Three sp -s overlaps in NH, 
molecule toforma pyramidal structure. 


sp sp sp sp" 

One s and three p orbitals of nitrogen atom 
hybridize to form four sp 3 hybrid atomic orbitals. 

They are directed towards the four corners of a 
tetrahedron. One of the hybrid orbitals is 

completely tilled with electrons and the remaining three orbitals are half filled. The nitrogen 
atom undergoes three sp’-s overlaps with three s-orbitals of hydrogen atoms. The three 
hydrogen atoms are located at three corners whereas the lone pair of electrons is at the 
fourth corner oi the tetrahedron. The result is a pyramidal molecule in which the three 
hy drogen atoms form the base a nd the lone pair of electrons the apex Fig(6. 12), 

The experimentally determined angle in ammonia is 107.5°. The deviation from the 
tetrahedral angle ( 109.5°) is explained on the basis of repulsion between the lone pair and the 
jond pairs of electrons. The lone pair is closer to the nucleus of nitrogen, then the bond pair 
and bond angles are decreased. 


(c) Water, H*0 

To know the structure of water write down the electronic configuration of 4 0: 


n , . . ED H H H EH 

s O (ground state) - Is 2 s 2p, 2p, 2p, 


e O (hybridized state) = Is 

Here, 2s and three 2p orbitals of oxygen 
hybridize to form four sp 1 hybrid orbitals which will 
have a tetrahedral arrangement. Two hybrid orbitals 
are completely filled by the two available lone pairs 


PWTTTT 

sp' 1 stfW sp 5 


unshared pair 



Fig (6.13) sp’-s overlaps in 11,0 
to form an angular structure 


oi electrons. I he remaining two half filled hybrid orbitals undergo sp’ s overlaps with H 
atoms to form two sigma bonds. The two H atoms occupy two corners of the tetrahedron and 
the remaining two are occupied by two lone pairs of electrons, Fig(6.13). 
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The bond angle in water is 104.5°. The deviation from the tetrahedral angle (109. 5") is 
explained on the basis of repulsion between the two lone pairs of electrons, with bond pairs. 
The lone pairs are closer to the nucleus of oxygen. They repel bond pairs and the bond angle 
decreases from 109.5° to 104.5°. So, the molecule of water has bent or angular structure. 



(ii) sp 2 - Hybridization 

In sp ,! hybridization, one 's' and two 'p' atomic orbitals of an atom intermix three 
orbitals called sp“ hybrid orbi tals . 

Bonding and Structure of Boron Trifluoride and Ethene 
(a) Boron Trifluoride (BF,) 


The three half filled sp 2 hybrid orbitals are planar and are oriented at an angle of 120°, 
Fig(6.14). The sp hybridization explains the geometry of planar molecules such as BF-. 
Electronic configuration of B is, 




B (ground state) - Is 2s 2p v 2p v 2p, 

11 1 1 .O 

B (excited stale) - Is 2s 2p t 2p t 2p. 

0 , ... x 


IB Inmdized stale) — Is 1 1 1 


sp ' 1 


•ye© 


In sp hybridization, one s and two p atomic orbitals of an atom intermix to form three 
orbital called sp' hybrid orbitals. 

^ Y 




2s orbital 


~_X 


2p, orbital 


X 2p T orbilal 


shape of one sp orbital 


in one plane and at 120 to each other 


Fig (6.14) Three sp' hybridized orbitals 

One of the p orbitals of fluorine is half 
filled i.e* 2p . This p-orbital of F is in the form 
of a lobe. BF ,is formed by the overlap of three 
half filled sp hybrid orbitals of boron with 
lobe shaped p-orbitals of three fluorine atoms 
Fig. (6. 15). The structure is triangular planer. 
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(b) 


6 C(ground state) 


e'0O° VS 


EthenefCH 2 =CH,) 

Electronic configuration of 6 C is 

1 1 fll ffl 

= Is 2s ! 2p, 2p, 2p f 

i ffl a a j 

S C (excited state) = Is 2s 2p x 2p i 2p, 
e C (hybridized state) = OB 1 1 1 1 1 1 | jTj 

I s sp’’ sp s sp’ 2p, 

In the formation of ethene molecule, each carbon atom undergoes sp 2 hybridization 
to form three hybrid orbitals which are co-planar and are oriented at an angle of 120°. Each 
atom is left with one half filled p-orbital perpendicular to the planar sp 3 hybrid orbitals. One of 
the p-orbitals does not take part in hybridization. Each carbon atom undergoes sp 2 -s overlaps 
with two hydrogen atoms and sp 3 -sp 2 overlap between themselves to form sigma bonds. 
These overlaps lead to the shapes shown in 
Fig.(6.16a). The partially filled p-orbitals undergo 
sidways overlap to form a rt-bond. 

So, a 7r-bond is formed by the sideways 
overlap of two half filled co-planar p-orbitals in 
such a way that the probability of finding the 
electron is maximum perpendicular to the line 
joining the two nuclei, it should be made clear that 
a jr-bond is formed between two atoms only when 
they are already bonded with a sigma bond. 

The two clouds of the rc-bond are 
perpendicular to the plane in which five cr-bonds 
are lying. Just like a-bond, tc -bond can be 
re presen ted by a line as in Fig (6.16 b). The final 
shape of C,H 4 Ss shown in Fig. (6.16 c). 
fiii) sp-IIybridization ' 

In sp hybridization, one 's’ and one 'p 1 




sp 


sp z 


sp A 


H 


sp J 



i 

> 

-bond 


1 

n-bond 



Overlap of hybrid orbitals 
gives a sigma bond 

(a) 


Overlap of p orbitals 
gives a pi bond 




\ / h 

C — c 


H 


1B5 _ 

<c) 

Fig. (6.16) Formation of one sigma between 

. ,.i •, i ■ . ■ ^ c , car bon atoms and one rc-bond in C.H.. 

oi bitals intermix to form two sp- hybrid orbit al called sp hybrid orbitals. 

Bonding and Structure of Beryllium Dichloride and Ethyne 
(a) Beryllium Dicliloride 


Electronic configuration of ,Be is 

0B EE ° ° ° 

.tB^Cground state)=ls2s 2p x 2p y 2p z 

DDE ED „ 0 

.Be (excited state) = l s 2s 2p.2p, 2p, 


to 0 


,o^ s 




.Be (hybridized state) = l s I'M 


sp sp 
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The two sp hybrid orbitals lie in linear way, Fig (6.17). The sp hybridization explains 
the geometry of linear molecules such as beryllium chloride, BeCl r It is formed when two sp 
hybrid orbitals of Be atom overlap with the half filled p-orbitals of chlorine atoms. The 
outermost half filled 3p ; orbital of Cl has lobe shape. 



Hybridization 

— ► 2 


180 ° 
sp hybrid orbital 


Fig* (6* 1 7) sp-hybridization to form a linear structure 
Be atom lies at the center and two Cl atoms on either side so that the CFBe-Ci 
angle is 180°- 

iao n 

c\ ^ & 352 

= cr - — Be^ — ci 


(b) Ethyne (CHbCH) 

The electronic configuration of 

DD DD 0 J o 

S C (ground state) =ls 2s 2p, 2p, 2p, 

ffi in j a ra 

6 C (excited state) -Is 2s 2p, 2p„ 2p a 

SD m pn [Tj CD 

e C (hybridized) =ls lil a L!J 2p t 2p s 


& 


e& G 




& 


sp sp 


Ethyne is formed as a result of sp 
hybridization of carbon atoms and subsequent 
formation of a and n bonds. Each carbon atom 
undergoes sp-s overlap with one hydrogen 
atom and sp-sp overlap with other carbon 
atom. Each carbon atom is left with two 
unhybridized p orbitals perpendicular to the 
plane of sp hybrid orbitals. The two half filled p 
orbitals (on separate carbon atoms) are 
parallel to each other in one plane while the 
other two p orbitals are parallel to each other 
in another plane. The sideways n overlap 
between the p-orbitals in two planes results in 
the formation of two n bonds as shown in 

Fig.(6.m 

Ethyne molecule contains one cr and 


H C 


▼ "X Overiap of hybrid orbitals 
\ gives a sigma bond 

rr-bond 




w 

i 

7t-bond 


Overlap of p orbitais 
gives a pi bond 



7r-bond 


Fig. (6* 18) Formation of one sigma 
and two pi-bonds in C 2 H 2 (ethyne) 
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two ji bonds between the two carbon atoms and each carbon atom is bonded with one H atom 
through a <7 bond. Actually, four electronic clouds of two rc -bonds intermix and they surround 
the sigma bond in the shape of a drum. 


6.4.6. Molecular Orbital Theory 

The molecular orbital approach considers the whole molecule as a single unit. It 
assumes that the atomic orbitals of the combining atoms overlap to form new orbitals called 
molecular orbitals which are characteristic of the whole molecule. The molecular orbital 
surrounds two or more nuclei of the bonded atoms. Tvo atomic orbitals, after overlapping, 
form two molecular orbitals which differ in energy. One of them, having lower energy, is 
called bonding molecular orbital while the other having higher energy is called anti-bonding 
molecular orbital. The bonding molecular orbital is 
symmetrical about the axis joining the nuclei of the 
bonded atoms (molecular axis). It is designated as 
sigma (a) bonding molecular orbital while the anti- 
bonding molecular orbital, is called cr*. The process of 
formation of molecular orbitals from Is atomic orbitals 
of hydrogen is shown in Fig (6. 1 9). 

The filling of electrons into the molecular 
orbitals takes place according to the Aufbau principle, 

Pauli's exclusion principal and Hund's rnle.The two 
electrons (one from each hydrogen atom), thus fill the 

low energy tr ls -orbital and have paired spin (1L ), while the high energy a* ls orbital remains 
empty. 

So far, we have considered s and s orbital overlap for the formation of molecular orbitals 
of hydrogen molecule. Other types of overlaps occurring 1 between p and p atomic orbitals to form 




It 

A.D 


A.B.M.O 


: — 

1b 

A-O 


* © U^Bf 


Fig (6.19). Formation of bonding and 
anti-bonding molecular orbitals 
for hydrogen molecule (Hj 


molecular orbitals are described below. 

There are tliree 2p atomic orbitals directed 
along the three perpendicular x, y and z co- 
ordinates. For the formation of molecular 
orbitals from p- orbitals, two cases arise: 

(a) Head on Approach 

Here, thep-orbitais of the two Fig. (6.20) Head on overlap of two p-orbitals 

atoms approach along the same axis (i.e. praxis) as shown in Fig. (6.20). 

This combination of the atomic orbitals gives rise to a(2pj bonding and a* (2p,) anti- 
bonding molecular orbitals. Both are symmetrical about the nuclear axis. 



(b) Sideways Approach 

When the axes of two p-orbitals (i.e p v or orbitals) are parallel to each other, they 
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Fig. (6.21) Sideways overlap of two p-orbitals 
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interact to form molecular orbitals as 
shown in Fig. (6.21), 

The bonding molecular orbitals 7 t 
(^py) or n (2p z ) have zero electron density 
on the nuclear axis (called the nodal 
plane). The electron density is uniformly 
distributed above and below the nodal 
plane. On the other hand, anti-bonding 
molecular orbitals tr* (2p y ) and xt* (2p i ) 
have the least electron density in the n 

inter-nuclear region. Since the 2p T and 2p, atomic orbitals are degenerate (having the same 
energy), the n - molecular orbitals i.e. it(2p y ) and n(2p,) are also degenerate. So, are also the 
a*(2p jr ) and 7r*(2pJ molecular orbitals. 

Overall six molecular orbitals (three bonding and three anti-bonding) are formed 
from two sets of 2p atomic orbitals. The bond formed as a result of linear overlap is ct bond, 
while that formed as a result of sideways overlap is called a n (pi) bond. As there are three 
bonding molecular orbitals, the p-orbitals overlap can lead to the formation of at the most 
three bonds: one sigma and two 
it -bonds. 

Energies of the 

The relative energies of the 
molecular orbitals formed from 2s and 
2p atomic orbitals in the case of 
homonuclear di-atomic molecules are 
shown in Fig. (6.22). 

The energies of the molecular Fig (6.22) (a) Molecular orbital energy diagram for 
orbitals are determined by 0„ F, and their positive and negative ions (b) Molecular 
spectroscopic measurements. The orbital energy diagram for Li,, Be 2r B. and N r 

molecular orbitals of diatomic molecules such as 0 2( F 2 and their positive and negative ions 

can be arranged in the following increasing order of energy (Fig 6.22a). 

a(l s) <cr*(ls) < a(2s) < a*(2s) < a (2pJ < ji(2p y ) - rt(2p,) <rt*(2pj = Tt(2p,) < a*(2p J 

The diatomic molecules such as N 2 and other lighter molecules like B* C a show 
slightly different energy order. See Fig. (6,22 b): 

als<o*ls<a(2s)<a*(2s)< Jt(2p T )= xt (2pJ < a (2p„) <rt* (2p y ) = n*(2p z )< cr* (2p v ) 



It has been observed that in case of B,, C 2 and N, , a2p K is higher in energy than 
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n2p y =7t2p,. MOs. This reversal is due to mixing of 2s and 2p, atomic orbitals. 

Actually, the energy difference of 2s and 2p atomic orbitals is small. There is a 
possibility of mixing of these orbitals (i.e. hybridization of A.O.) as a result of which a , and 

MOs do not retain P lue s-character. Similarly a2p ): and a*2p y MOs do not have pure 
p-character. All the four MOs acquire sp-character. Due to this mixing, their energies change in 
such a way that MOs a2s and a*2s become more stable and are lowered in energy MOs as 
cr2p„ and <r*2p, become less stable and are raised in energy. Since, Ttp-orbitals are not 
involved in mixing, so energy of rc2p y -7r2p r remains unchanged.^ is raised to such an 
extend that it becomes higher in energy than tc - bondings. 

.Anyhow, 0. and F, do not do so. The reason is high energy difference of their 2s and 
2p i.e. 1595 and 2078 kjmol 1 , for O a And F 3 , res pectively. These values are 554kJmol 1 for 
boron, 846kJmol 1 for carbon, and UGSkJmoi 1 for nitrogen. These energy differences have 
been calculated by spectroscopic techniques. 


The number of bonds formed between two atoms after the atomic orbitals overlap is 
called the bond order and is taken as half of the difference between the number of bonding 
electrons and anti-bonding electrons. The number of bonds formed between H-atoms in 
hydrogen molecule may be calculated as follows: 

Number of electrons in the bonding orbitals - v 

Number of electrons in the anti-bonding orbitals - o 

Bond order - - ~ \ 




It is a common practice that only MOs formed from valence orbital are considered in 
bond order calculations. 


Orbit; 
i. Be* 


ic ture £ 


The electronic configuration of He is 
Is . The Is orbitals of He-atoms combine to 
form one bonding a (Is) and one anti -bonding j L 
cr* (Is) orbitals as shown in Fig (6.23). > 

Each He-atom contributes two £ 
electrons. Two electrons enter bonding 
molecular orbital <r(ls) and the remaining two 
go to antibonding a* (Is) molecular orbital. 

The bond order for He 2 is zero i.e. (L-2i^ 0 
and thus He 2 molecule is not formed,^ 


,He= 1 




Fig. (6.23) Hypothetical orbital 
picture of He, molecule. 
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(ii) Nitrogen, N 3 

The molecular orbital structure of N, molecule is shown in Fig (6.24). Electronic 
configuration of N, molecule is 


a (Is 2 ) < rc*(ls 3 ) < a(2s 2 ) <n* (2s~) < Tt(2p’ y ) =7t(2p 2 J <o(2p',)<7i*(2p r )= a*(2p,)<o*(2pJ 


From the electronic configuration of 
N,, it is clear that six electrons enter into three 
outermost bonding orbitals while no electrons 
enter into anti -bonding orbitals. Thus, the 
bond order in N 2 molecule is -~ Q - -y- =3, 
which corresponds to the triple bond 
consisting of one sigma and two n bonds. The 
bond dissociation energy of N ? is very high, i.e. 
941kJmol' 1 . 

(iii) Oxygen, 0 2 

The formation of molecular orbitals in 
oxygen molecule is shown in Fig. (6.25). The 
electronic configuration of 0, is 



picture of N, molecule. 


CT(ls) s <CT*(l5j s < to (2s) 2 <0*(2 b) 3 < o (2p x )<7t(2p y )* =it(2p I ) :i < Jt*(2p ? y =n* (2p,) 1 <cr*2p 1 


The bond order in 0, is 6 - 2, which 

corresponds to a double bond. 

This is consistent with the large bond 
energy of 496k] mol 1 of oxygen molecule. 
Fig(6.25) shows that the filling of molecular 
orbitals leaves two unpaired electrons in each 
of the ti*(2p v ) and jr*(2p,) orbitals. Thus, the 
electronic configuration of the molecular 
orbitals accounts admirably for the 
paramagnetic properties of oxygen. This is one 
of the greatest successes of the molecular 
orbital theory. Liquid 0, is attracted towards 
the magnet. 

Anyhow, when two more electrons are 
given to 0 2 , it becomes Otf', • The 


<e<2p.) 



Fig. (6.25) Molecular orbitals 
in 0 2 molecule. 


paragmanetism vanishes. Similarly, in 0,M the unpaired electrons are removed and 
paragmagnetic property is no more there. Bond order of Or and are also different from 
0 2 and are one and three, respectively. 

Similarly, M.0.T justifies that F, has bond order of one and Ne does not make a bond with Ne. 
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6.5 BOND ENERGY, BOND LENGTH AND DIPOLE 
* 0 MOMENT 

6.5.1 Bond Energy (bond enthalpy) 

When a bond is formed between two atoms, energy is released. The same amount of 
energy is absorbed when the bond is broken to form neutral atoms. So, the bond energy is the 
average amount of energy required to break all bonds of a particular type in one mole of the 
substance. It is determined experimentally, by measuring the heat involved in a chemical 
reaction. It is also called bond enthalpy, as it is a measure of enthalpy change at 298 K. The 
enthalpy change in splitting a molecule into its component atoms is called enthalpy of 
atomization. 

The bond energy is given in kj mol ! which is the energy required to break an 
Avogadro's number (6.02 x 1 0 a ) of bonds. It is also released when an Avogadro’s number of 
bonds are formed. Table (6.5). 


Table (6.5) Average bond enthalpies of some important bonds (kjmol 1 ). 



Bond 


Bond 


Bond 


Bond 

Bond 

energy 

(kjmor 1 ) 

Bond 

energy 

(kjmor 1 ) 

Bond 

energy 7 

(kjmol 1 ) 

Bond 

energy 

(kjmor 1 ) 

c— c 
c=c 
c=c 

C— H 
C — N 

C=N 
ON 
0-0 
OO 
OO 
C-F 
O-Cl 
C— Br 
C— l 

o-s 

348 

614 
839 
413 
293 

615 
891 
358 
799 

1072 

485 

328 

276 

240 

259 

H— H 
H — F 
H— Cl 
H— Br 
H— I 
N— N 
N=N 
N=N 

N— H 
N— 0 
N— F 
N— Cl 
N— Br 

436 

567 

431 

366 

299 

163 

418 

941 

391 

201 

272 

200 

243 

O—C 
0 = 0 
Cu-H 
0— F 
0— Cl 
0— I 
S— S 
S=S 
S=0 
S— H 
S— F 
S— Cl 
S— Br 

146 

495 

463 

190 

203 

234 

266 

418 

523 

339 

327 

253 

218 

Si—' H 
Si — Si 
Si— C 
Si— 0 
F— H 
Cl— F 

Cl— Cl 
Br— F 

Br — Cl 
Br — Br 
I — Cl 
I— Br 
I — I 

323 

226 

301 

368 

155 

253 

242 

237 

218 

193 

208 

175 

151 


It may be noted that energies of multiple bonds are greater than those of single bonds. 
But a double bond is not twice as a strong as a single bond or a triple bond is not thrice as 
strong as a single bond. It means that a a- bond is stronger than a re-bond. Similarly, a polar 
covalent bond is stronger than a non-polar covalent bond. 

6.5.2 Ionic Character and Bond Energy 

Bond energy' is a measure of the strength of a bond. The strength of a bond depends upon 

the following factors! 
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(i) Electronegativity difference of bonded atoms (ii) Sizes of the atoms 
(iii)Bond length 

Let us consider, first the part played by electronegativity difference. Look at the bond 
energies of H-X type of compounds, where X=F, Cl, Br, I, Table (6.6).This data show that 
electrons are not equally shared between the bonded atoms he. HX. As halogen atom is more 
electronegative, the bonded pair is more attracted towards X atom and thereby polarity 
develops. This gives rise to additional attractive force for binding. 

From the difference between experimental bond energies and those calculated by 
assuming equal sharing, it is possible to estimate relative electronegativities. The 
comparison of these values shows that the discrepancy is the greatest for HF and the least for 
HI, Table (6.9). 

Let us calculate, the increase in the strength of H— Cl bond, due to the ionic character 
present in it. 


The H H bond energy is 436 kj mol 1 
H + H ► 


H, 


AH ~ -436kJmol ‘ 


It means 436 kj of heat is required to break the Avogadro's number of H 2 molecules 
into individual atoms. Thus, bond energy per bond is 72.42 x 10 23 kJ. This is obtained by 
dividing 436 by 6.02 x 10“ As the bonding electron pair is equally shared between the two H- 
aSSUme that each bonded H ‘ atom contributes half of the bond energy i.e.. 

Similarly, the bond energy for Q, is 240 kj mol 1 . Therefore, each Cl-atom should 
- ibute 19.93 x 10 kj to any bond, where sharing ofan electron pair is equal. 

Let us, now consider, the bond in II CL This bond is polar, but we consider the 
electron pair to be equally shared. On adding up the bond energy contributions of H-atom and 
Cl-atom, we expect the bond energy of H-CI to be56.14 x 10 : “kJ per molecule which is the 


sum of36.2JxlO 23 kj and 19.93xlO“kJ. 

For Avogadro's number of HCl 
molecules, the calculated bond energy 
is 337.96 K^rtiol J ' which is obtained by 
multiplying^. 1 4 x 10 “ with 6.02 x 10“ 
The experimentally found bond energy 
for HCl is 431 kJmol'.The observed/ 
bond energy is significantly greater than 
the calculated value and that means a 
more stable H-Cl bond. This stability is 
due to the ionic character present in the 
molecule.The decreasing polarity from 
HF to III shows a trend toward equal 


Table (6.6) Comparison of experimental 


Bond 

Bond energies (kj mol 1 ) 


X=F 

X=C! 

X 

K 

C: 

X=ri 

X-X 

155 

242 

193 

151 

H-X 

(calculated) 

293 

336 

311 

i 

291 

H-X 

(observed) 

567 

431 

366 

299 

difference 

274 

95 

55 

8 


sharing of electrons which is consistent with decreasing electronegativity from F to I. 

The bonds with higher bond energy values have shorter bond lengths. The bond 
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energies of C to C bonds being in the order CaC > C = C >C - C. Their bond lengths are in 
the reverse order i.e. C -C > C - C >C=C . 


6.5.2 Bond Length 

1 he distance between the nuclei of two atoms forming a covalent bond is called the 
bond length. The bond lengths are experimentally determined by physical techniques The 
techniques may be electron diffraction, X-ray diffraction or spectral studies. 

The covalent bond length between two atoms is often but not always independent of 
the nature of the molecules. For instance, in most of the aliphatic hydrocarbons the C-C 

bond length is very close to 154 pm. The C-C bond length is also found to be the same in 
diamond. , — — 


The covalent radii for 
different elements are almost \ 
additive in nature. The single 
bond covalent radius of carbon is 
77 p which is half of the C-C 
bona length (154 pm). Similarly, 
the covalent radius of Cl is 99 
pm i.e. one half of the Cl- Cl 
bond length (198 pm). So the 
bond length of C-Cl bond will be 
77 + |99\ - 176 pm. Some 
selected bond lengths are given 
in Table (6.7). 

With an increase in 
electronegativity difference 
between the bonded atoms, the 
bond becomes shortened. For 
example, Si-F bond length in 
SiF, is found to be 154-159 pm, 
whereas the addition of their 
covalent radii (Si =117 pm and 


Table (6.7) Some selected bond length? 


Compound 

Hybridization 

Bond 

Bond length 
(pm) 

BF, 

(Boron trifluoride) 

sp" 

B— F 

130 

BCl, 

( Boron iriehlori de ) 

sp" 

B -Cl 

175 

SiH< 

(Mono silane) 

sp a 

Si — II 

148 

SiFj 

(Silicon tetrafluoride) 

sp 3 

Si — F 

155 

c.h 6 

(Ethane) 

sp 3 

C — c 

154 

C 2 h 4 
(Ethene) 

sp 2 

c = c 

133 

CA 

(Ethyne) 

sp 

c = c 

120 

(Ciu c = o 

(Acetone) 

sp 3 

c = o 

122 


t u . * tqutu lu loipm, idoie {&./). i ne calculated values are 

almost always higher due to electronegativity differences. The ionic character results in 
shoi tenmg of the bond length due to force of attraction between the polar ends. 

. fk M ° reover ’ hybridization scheme involved, also explains the shortening of bonds due 
to the predominant participation of s-orbitals. Since, the 2s-orbital of carbon has smaller 
mean rachus than the 2p-orbitals, it would be expected that greater the s character in the 
hybnd orbifo s used the shorter will be the bond distance. Thus, the C-C-bond lengths are 
. ’ J and ^ P m for et hane, ethene and ethyne, respectively where s orbital contribution 

increases from sp to sp. Further, jr-bonding also reduces the intetnuctw^Tmnd distance. 
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The bond length increases, as we move from top to bottom in group FV-A of the 
periodic table. Thus, Si-Si bond length is more than C-C bond length in group IV-A and P-P 
bond length is much more than N— N bond length in group V-A, As the atomic radii increase in 
a group (N to P or C to Si), the effect of the effective nuclear charge decreases on electrons. 
As a result the bond length will increase. 

in the periodic table, shortening of bond lengths occurs from left to right in, a period. 
This can be attributed to the pull by nuclear charge with the same value of principal quantum 
number. Therefore, C-C bond length is greater than N-N bond length. 


6.5.4 Dipole Moment 

In heteronuclear molecules, e.g. HC1 where the 
bonded atoms are of different elements, the molecule 
becomes polar due to the electronegativity difference. 
Partial positive and negative charges become separated 
on the bonded atoms. The separation of these charges on 
the molecule is called a dipole and the molecule is said to 
have a dipole moment. 

The dipole moment is a vector quantity, which 
has a magnitude as well as a direction. 

Fig. (6.26) illustrates the dipole and its vector 
representation. The dipole moment (p) is be defined as 
the product of the electric charge (q) and the distance 
between the positive and negative centres (r ): 

p = qxr 

The dipole moments of simple heteronuclear 
diatomic molecules like HF, HC1, HBr. HI, CO, NO, etc. 
are directed from electropositive ends to electronegative 
ends. 

The dipole moments are measured in Debye (D) 
units. Let us consider a hypothetical molecule (A 1 — FT), 
or a unit negative charge separated, from a unit positive 
charge by distance r 100 pm ( lAh'l'he dipole moment 
of such a molecule can be calculated by multiplying the 

distance 100pm to chaiye of one electron or proton is 1.6 orxlOA 

p = (1. 6022 xl0”C)x (100 xlO'“m) = 1.6022 x 10 "'mC 

Another unit of dipole moment is Debye. 
The equivalence of Debye and mC is 1 D - 
3.336x10 *mC, So, the dipole moment of the 
.above system in Debye units is 

_ 1.6022 x It) 29 in( ] 

3.336-x 10' 3 °mC 



Fig. (6.26) Dipole moment and 
its vector representation 

Table (6.8) Dipole moments 
of some substances in Debyes 


= 4.8 D 


Compound 

Dipole moment 
(D) 

Ha 

0.00 

HC1 

1.03 

HBr 

0.78 

HI 

0.38 

H a O 

1.85 

h 2 s 

0.95 

nh 3 

1.49 

so 2 

1.61 

co 2 

0.00 

CO 

0.12 

NO 

0.16 

HA 

2.20 

ch 4 

0.00 

ch 3 f 

1.81 

CH d Cl 

1.45 

CH 3 Br 

1.85 

ch 3 i 

1.35 

c 2 h s oh 

1.69 
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The dipole moments of some substances in Debye units are given in Table (3.8 J. 
If the molecule is polyatomic and contains two or more dipoles, then the net dipole 
moment is the resultant of the vector addition of the individual bond moments. Examples of 
C0 ; , and H,0 are shown in Fig (6.26). 


— C = 0 -- \ 


0= C = 0 
net \jl - 0 


H -f H 

Resultant moment 
net \i - 1 .85 D 

(a) (b) 

Fig (6,26) Vector addition of bond moments in 
(a) linear CG^ molecule and (b) angular H,0 molecular 


6,5,5 


Dipole Moments and Molecular Structure 

Dipole moment provides two types of information about the molecular structure: 

(i) Percentage ionic character of a bond 

(ii) Angles between the bonds or the geometry of molecules 


vO° 


,eO° 




U> Pcrc entage Ionic Character ^ / 0V 

From the experimentally determined dipole moments, the percentage ionic 
character in a bond can be calculated. For this purpose, we should know the actual 
dipole moment p. obs of the molecule and actual bond, length. The dipole moment of 
100% ionic compound is represented as 


%agc of ionic character = 


IM’ote 

Mhjmc 


x 100 


Example 1: 

The observed dipole moment of HF is 1.90 1). Find the percentage ionic character in 
II— F bond. The distance between the charges is 0.91 7 x 10'" m . 

(Unit positive charge = 1 .6022 x 10 18 C) 


Solution: 


Let us suppose that HF molecules is 100% ionic. It means that H has full positive 
charge and F has full negative charge. To calculate its dipole moment multiply the bond 
length with full charge of electron or proton i.e. 1.6022 x 10' 1,3 C. This dipole moment is called 







So, 

M^qxr 


= (1.6022 x 10" C) (0.917 x 10r“m) 


- 1.469 x 10' M mC 

Since 1 D 

= 3.336 x 10® raC 



Phonic 


1.469 x 10 " m c = 4 
3.336 x 10 3 " m c 


So, 
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The actual dipole moment is given as it is observed. 
U„ = 1.90 


% ionic character— 


R*^=1.90D 

(W™ i x 100 
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Uic 


1.90 D x 100 


43.2% Answer 


4.4 D 

Hence, 43% of HF bond is ionic in nature and 57% covalent. The bond is 
predominantly covalent. 


t 

H ,J04.5 u \ Ha . 

|i = 1.85 D 


(ii) Bond Angles or the Geometry of Molecule s 

We can unde: stand this aspect by taking some important 
examples. 

The dipole moment of water is 1.85 D which ruled out its 
linepr structure. The calculations show that waterfias an angular 
structure with a bond angle 104.5" between the two O-H bonds. A 
linear H,0 molecule (H-O-H)wouldhave zero dipole moment. 

Similarly, the triatomic molecules IL.S or SO, etc. are also bent like H.O. 

H s * H“ & * io^ 

(i = 0.95 D p = 1.61 D 

CO has a dipole moment while CO, does not have any. The reason is that CO, has a 
linear structure, where the dipoles being equal and opposite, cancel out each other's effect. 
Similarly, CS, has zero dipole moment. 


U = 0.12 D p = 0 p = 0 

Symmetrical triangular planar molecules of BF 3 , A1C1, and perfectly tetrahedral 
mo ecules like CH 4 , Sill,, CC1,, also have zero dipole moments. This is all due to the 
cancellation of individual bond moments. 

| f 


P 0> 
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6.6 THE EFFECT OF BONDING ON THE PROPERTIES 
OF COMPOUNDS 

The properties of substances are characterized by the types of bonding present in 
them. Here, we shall consider the effects of the type of bond on physical and chemical 
properties of compounds. 


{ 1) Solubility 

(a) Solubility of Ionic Compounds 

Mostly, ionic compounds are soluble in water but insoluble in non-aqueous solvents. 
When a crystal of an ionic substance is placed in water, the polar water molecules detach the 
cations and anions from the crystal lattice by their electrostatic attraction. Thus, the ions are 
freed from the crystal lattice by hydration. This happens when the hydration energy is 
greater than the lattice energy and the ions are freed from their positions in the crystal. Many 
ionic compounds do not dissolve in water, as the attraction of water molecules cannot 
overcome the attraction between the ions. For the same reason, non-polar solvents like 
benzene and hexane do not dissolve ionic compounds. 

\/ C, ■ 

'ovalent Compounds „ % 

al, covalent compounds dissolve easily in non-polar organic solvent 
e, ether, etc.) 

Here, the attractive forces of solvent molecules are enough for overcoming the 
intermolecular forces of attraction. Mostly covalent compounds are insoluble in water. 
However, some of them dissolve in water due to hydrogen bonding. 

(2) Isomerism 

(a) Non-Directional Nature of Ionic Bonds 

The ionic compounds involve electrostatic lines of forces between oppositely 
larged ions. Therefore, such bonds are non-rigid and non-directional. Because of this, ionic 
compounds do not exhibit the phenomenon of isomerism. 

(b) Directional Nature of Covalent Bonds 

Covalent compounds are rigid and directional. This leads to the possibility of a 
vanety of isomerism. For example, the compounds, CH.A shows structural isomerism. 



>!o° 



h/ 


\ / 'H 


\ 

H H 

Dimethyl ether 


H \ \ 

H C C' 

/ / 

H H 




too 


oVS 




Dimethyl ether Ethanol 

( 3 ) Reaction Kinetics: 

(a) Speed of Reaction of Ionic Compounds 

The ionic compounds exist in the form of ions in an aqueous solution. The chemical 
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reaction between ions occur rapidly. For example, addition of silver nitrate solution to sodium 
chloride solution produces a white precipitate of silver chloride instantaneously. The 
reaction is rapid because on mixing the solutions, no bonds have to be broken, only a new 
bond is formed. The ionic compounds have already been broken while forming their aqueous 
solutions. 

(b) Speed of Reactions of Covalent Compounds 

Since, there is no strong electrical force to speed up a chemical reaction {like in ionic 
reaction), the covalent bonds are generally much slower to react as they involve bond 
breaking and making of bonds. The molecules undergo a chemical change as a whole. 
Covalent bonds react in a variety of ways and their reactivity depends upon the way a reaction 
proceeds and the kind of a reaction, 

KEY POINTS 

1. Atoms combine together due to their inherent tendency to attain the nearest 
noble gas electronic configurations and the formation of a chemical bond always 
results in a decrease of energy. 

2. The size of an atom is expressed in terms of atomic radius, ionic radius and covalent 
radius and van der Waals radius. 

3. It is necessary to u nderstand thermodynamic properties of elements. The minim um 
amount of energy required to remove an electron from an atom in gaseous state is 
called ionization energy, it depends upon the atomic size, nuclear charge and 
shielding effect of electrons. The electron affinity of an atom is the energy given out 
when an electron is added to a gaseous atom. The tendency of an atom to attract a 
shared pair of electrons to itself is called electronegativity. Fluorine, is the most 
electronegative atom and it has arbitrarily been given a value of 4.0. 

4. The ionic bonds are formed by transfer of electron from one atom to another. 
Covalent bonds are formed by mutual sharing of electrons between combining 
atoms. After the formation of a coordinate covalent bond, there is no distinction 
between a covalent bond and a coordinate covalent bond, 

5. A polar covalent bond is formed when atoms having different electronegativity 
values mutually share their electrons. Due to polarity, bonds become shorter and 
stronger and dipole moment may develop. 

6. According to valence bond theory, the atomic orbitals overlap to form bonds but the 
individual character of the atomic orbitals are retained. The greater the overlap, the 
stronger will be the bond formed. 

7. The VSEPR theory gives information about the general shapes and bond angles of 
molecules. It is based upon repulsion between bonding and lone pairs of electrons, 
which tend to remain at maximum distance apart so that interaction between them is 
minimum. The concept provides an alternate way to explain various geometrical 
shapes of molecules. 
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The geometrical shapes and bond angles are better explained by different 
hybridization schemes, where different atomic orbitals are mixed to form hybrid 
orbitals. 

According to molecular orbital theory, atomic orbitals overlap to form molecular 
orbitals, n atomic orbitals combine to form n molecular orbitals. Half of them are 
bonding molecular orbitals and half antibonding molecular orbitals. In this 
combination, the individual atomic orbital character is lost in order to form an 
entirely new orbital that belongs to the whole molecule. The theory successfully 
explains bond order and paramagnetic property of 0 2 . 

The bond energy in defined as the average amount of energy required to break all 
bonds of a particular* type in one mole of the substance. It is a measure of the strength 
of the bond. Stronger the dipole of a bond, greater will be the bond energy. 

The distance between the nuclei of two atoms forming a covalent bond is called bond 
length. In general, it is the sum of the covalent radii of the combined atoms. 

The dipole moment may be defined as the product of electric charge (q) and the 
distance ( r } between the two oppositely charged centres. It is a vector quantity as it 
has magnitude and direction. It plays a major role, in determining the % age ionic 
character of a covalent bond and the shapes of molecules. It has magnitude and 
direction. 

Properties of substances are characterized by the type of bonds present in them. 


EXERCISE 

Q . 1 Select the correct statement 

(i) An ionic compound A 1 B' is most likely to be formed when 

(a) the ionization energy of A is high and electron affinity of B is low. 

(b) the ionization energy of A is low and electron affinity of B is high. 

{c ) boththeionization e n c rgy of A and e le c tro n affinity of B are h igh . 

(d) both the ionization energy of A and electron affinity of B are low. 

(ii) The number of bonds in nitrogen molecule is 

(a) one crandoneTi 

(b) one a and two ir 

(c) three sigma only 

(d) two a and one it 

(iii) Which of the following statements is not correct regarding bonding 
molecular orbitals? 

(a) Bonding molecular orbitals possess less energy than atomic 
orbitals from which they are formed. 

(b) Bonding molecular orbitals have low electron density between the 
two nuclei. 

(c) Every electron in the bonding molecular orbitals contributes to the 
attraction between atoms. 
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(d) Bonding molecular orbitals are formed when the electron wa 
undergo constructive interference. 

(iv) Which of the following molecules has zero dipole moment? 

(a) NH 3 (b) CHCI3 (c)H 2 0 (d) BF, 

(v) Which of the hydrogen halides has the highest percentage of ionic 
character? 

(a) HC1 (b)HBr (c)HF (d)HI 

(vi) - Which of the following species has unpaired electrons in 

antibonding molecular orbitals? 

, (a) 0 2 2+i (b) ' (c) B, (d) F, 

Fill in the blanks 

The tendency of atoms to attain maximum of electrons in the 

valence shell is called completion of octet . 


(i) 

(ii) 


(iii) 

(iv) 


The geometrical shape of SiCl 4 and PCI, can be explained on the basis 
and _hybridizations. 


The VSEPR theory stands for 


For N z molecule, the energy of o (2p) s orbital is 
orbital. 


than k (2p v ) 


(V) The paramagnetic property of 0, is well explained on the basis of MO 

theory in terms of the presence of electrons in two MO 

N orbitals. 

vi) The values of dipole moment for CS 2 is while for S0 2 is' 

vii) The bond order of N, is while that of Ne 2 is . 

Q.3 Classify the statements as true or false. Explain with reasons. 

The core of an atom is the atom minus its valence shell. 

The molecules of nitrogen <N=N) and acetylene (HC=CII) are not 
isoelectronic . 

There are four coordinate covalent bonds in NH, + ion. 

A cr-bond is stronger than a rt-bond and the electrons of cr-bond are 
more diffused than 71-bond. 

The bond energy of heteroatomic diatomic molecules increases with the 
decrease in the electronegativities of the bonded atoms. 

With increase in bond order, bond length decreases and bond strength 
increases. 

(vii) The first ionization energies of the elements' rise steadily with the 
increasing atomic number from top to bottom ina group. 


(i) 

(ii) 

(iii) 

(iv) 

(v) 

(vi) 


(viii) A double bond is stronger than a single bond and a triple bond is 
weaker than a double bond. 

fix) The bonds formed between the elements having electronegativity 
difference more than 1.7 are said to be covalent in nature. 
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(x) The repulsive force between the two bonding pairs is less than that 
between the two lone pairs. 

(xi) The number of covalent bonds an atom can form is related to the 
number of unpaired electrons it has. 

(xii) The rules which govern the filling of electrons into the atomic orbitals 
also govern filling of electrons into the molecular orbitals. 

Q.4 What is a chemical bond? Discuss the formation of ionic and covalent bonds. How 
does the electronegativity differences differentiate between ionic and covalent bond? 

Q.5 (a) Define ionization energy and electron affinity. How these quantities 

change in the periodic table. What factors are responsible for their 
variation? 

(b) Explain, what do you understand by the term electronegativity? 
Discuss its variations in the periodic table. How does it affect the bond 
strengths? 

Q.6 Write the Lewis structures for the following compounds: 

(i)HCN (ii) CC1 4 (m) CS 2 (iv) H,N-> AIF, 

(v)NH,OH (vii) H 2 S0 4 (vii) H,PO, (viii) K,Cr,0 7 

(ix) NA (x) AgtNHJjNOa 

Q.7 (a) Explain qualitatively the valence bond theory. IIow does it diff er from 

molecular orbital theory? 

(b) How the bonding in the following molecules can be explained with 
respect to valence bond theory? C1 £T CL, N., HF, H,S. 

Q.3 Explain VSEPR theory. Discuss the structures of CH if NH r; , H,0, BeCl„ BF 3 , 
S0 2 , S0 3 with reference to this theory. 

Q.9 The molecules NF_, and BF ;i all, have molecular formulae of the type XF,. But they 
have different structural formulas. Keeping in view VSEPR theory sketch the shape 
of each molecule and explain the origin of differing in shapes. 

Q.10 The species NH S ", NH„ NH/ have bond angles of 105°, 107.5° and 109.5° 
respectively Justify these values by drawing their structures. 

Q.ll (a) Explain atomic orbital hybridization with reference to sp\ sp“ and sp modes of 

hybridizations for PH S , C 2 H t and C A- Discuss geometries of CC1„ PCL, and H Z S by 
hybridization of central atoms. 

(b) The linear geometry of BeCL suggests that central Be atom is sp-hybridized. 
What type of hybridization a central atom undergoes, when the atoms 
bonded to it are located at the corners of (a) an equilateral triangle 
(b) a regular tetrahedron and (c) triangular bipyramide? 

Q.12 (a) Give the basis of the molecular orbital theory and discuss the 

molecular orbital configurations of the following molecules? 

(i) He, (ii) (iii)O, (iv) Oy + (v)0/ 

(b) How does molecular orbital theory explain the paramagnetic character 
of 0 3 , 0/ + and 0 2 a ' species ? 
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Q.13 

a) 


0tt 

Q.14 

(a) 


(b) 


(c) 

Q.15 

(a) 


(b) 

Q.16 



Q.17 

Q.18 


Sketch the molecular orbital pictures of 

ir(2 Ps )and 7i*$pJ (ii) 0,, (hi) He.andNe, 
Sketch the hybrid orbitals of the species, PCI.;, SiQ, and NH 4 \ 

Define bond energy. Explain the various parameters which 
determine its strength. 

How do you compare the bond strengths of 

(i) Polar and non-polar molecules, (ii) ct-and jr-bonds? 

Calculate the bond energy of H-Br. The bond energy of H-H is 436 
kjmol ‘and that of Br- Br is 1 93 kjmol L . (Ans: 314.5kJmol ‘) 

Define dipole moment. Give its various units. Find relationship between 
Debye and me. How does it help to find out the shapes of molecules? 

The bond length of H-Br is 1.4 xl<) lu m. Its observed dipole moment is 
0.79D, Find the peicentage ionic character of the bond. Unit positive charge 
= 1.6022 xlO 1 C and ID — 3.336 x 10 ""‘me. (Ans: 11.7%) 


is in the 


proximity of P in the periodic table. It is expected that Si-F 
bond would also be polar, but SiF, has no dipole moment. Explain it? 

Which nt the following molecules will be polar or non-polar, sketch the structures and 
justify your answer. 


(i) 


CC1-, (ii) SO, (iii) NF, (iv)SO, 


Explain the following with reasons: 


0 ) 

(ii) 

(iii) 

(vi) 
(v) ■ 

(vi) 

(vii) 


Bond distance is the compromise distance between two atoms. 

The distinction between a coordinate covalent bond and a covalent bond 
vanishes after bond formation in NH, 1 , H.O'andCH.NHT. 

The bond angles of H.,0 and NH, are not 109.5° like that of CH r Although, 
O- and N-atoms are sp“ hybridized. 

7i- bonds are more diffused than a- bonds. 

The abnormality of bond length and bond strength in HI is less prominent 
than that of HC1. 

The dipole moments of C(T and CS,are zero, but that of SO, is 1.6 ID. 

The melting points, boiling points, heat of vaporizations and heat of 
sublimations of electrovalent compounds are higher as compared with those 
of covalent compounds. 

x>*y 
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THERMOCHEMISTRY 


7.0.0 INTRODUCTION 

II is matter of common observation that energy- in the form of heat, is either evolved 
or absorbed as a result of a chemical change. This is due mostly to the breaking of bonds in 
the reactants and formation of new bonds in the products. Bond breaking absorbs energy but 
bond making releases it. The overall energy change that occurs, results from the difference 
between energy supplied for the breaking of reactant bonds and that evolved in the making of 

product bonds. The study of heat changes accompanying a chemical reaction is krSfcSs*' 
thermochemisfr^ * * " ' 

Substances exist, because they possess energy. Different substances have different 
amounts of energy associated with them. Due to this reason, the total energy of the products 
is never equal to that of reactants. Hence, in a chemical change, the energy in the form of 
heat will either be evolved or absorbed and this is called heat of reaction. 

Generally, in all chemical changes, energy is exchanged with the surroundings 

V lien 11 1B £ Iven out b y the reaction, the change is said to be exothermic when it is absorbed 
the reaction is endothermic. 

When an exothermic reaction occurs, heat is given out by the system and the temperature 
of the system nses above the room temperature. Eventually, the temperature of tire system fells to 
room temperature again as the hear produced is lost to the surroundings. 

When an endothermic reaction occurs, the heat required for the reaction is taken 
trom the reacting materials (system) and tine femperature of the system fells below the initial 
.c! i iperature. Eventually, the temperature of the system rises to room temperature again as 
heat is absorbed from the surroundings. 

m The e 1 nei "£ y unUs m whlch heat changes, usually expressed in Si-system are joule 
(J) and kilojoule (kj). 

... 5? rae of the samples of exothermic and endothermic reactions are given below. 

(i) 1 he combustion of carbon in oxygen is a common reaction. 

. . C / s) +0 *fe) G0 2 (g) AH =- 393. 7 kj mol 1 . 

ie reaction is exothermic and .-}93.7kJmol ' of heat is evolved during the reaction 
The formation of water from hydrogen and oxygen is an exothermic reaction. 

Hj(g) + ‘/a 0, (g) -> 11,0 G) AH =- 285.58 kJ mol 1 . 
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(iii) In the Haber's process, the formation of ammonia is also an exothermic reaction. 

N 2 (g) + 1-5 H„ (g) 2NH,(g) AH = -41 .6 kj mol' 1 . 

(iv) The decomposition of water into oxygen and hydrogen is an endothermic reaction. 

2HjO (£) H, (g) + 0 2 (g) AH— +285.58 kj mol '. 

(v) Wlien one mole of nitrogen combines witli one mole of oxygen to yield nitrogen 
oxide (NO), 180.51 kj of heat is absorbed by the system and the reaction is endothermic. 

N, (g) + 0, (g) 2NO{g) AH - + 180.51 kj mol' 

The subject matter of thermochemistry is based on the first law of thermodynamics. 
The subject has an important practical utility as it gives us information about the energy 7 or 
heat contents of compounds, a knowledge of which is necessary for the study of chemical 
bonding and chemical equilibrium. The scope of thermochemistry is limited mainly, because 
only a few of many chemical reactions are such, whose heats of reaction can be accurately 
measured. 

7.1 SPONTANEOUS AND NON-SPONTANEOUS 

REACTIONS T 

A process which takes place on its own without any outside assistance and moves 
from a non -equilibrium state towards an equilibrium state is termed as spontaneous process 
i process. It is unidirectional, irreversible and a real process. Some examples of 
spontaneous processes arc given below. 

(i) Water flows from higher level to the lower level. The flow cannot be reversed 
without some external aid. 

(ii) Neutralization of a strong acid with a strong base is a spontaneous acid base 
reaction. 

NaOH (aq) + HC1 (aq) NaCl(aq) iH,0(£) 

(iii) When a piece of zinc is added to the copper sulphate solution, blue-colour of the 
solu tion di sappears due to the spontaneous redox reaction. 

CuSO, (aq)+ Zn(s) -»ZnSO, (aq)+Cu(s) 

A reaction will also be called a spontaneous process, if it needs energy to start with, 
but once it is started, then it proceeds on its own. Burning of coal and hydrocarbon in air are 
examples of such spontaneous reactions . A piece of coal does not burn in air on its own 
rather the reaction is initiated by a spark and once coal starts burning, then the reaction goes 
spontaneously to completion. 

Non- spontaneous process is the reverse of the spontaneous process. It does not take 
place on ils own and does not occur in nature. Reversible processes constitute a limiting case 
between spontaneous and non-spontaneous processes. Some non -spontaneous processes, 
can be made to take place by supplying energy 7 to the system from external source ■' 
examples of non-spontaneous processes are given below. 

(i) Pumping of water uphill. 

(ii) Transfer of heat from cold interior part of the refrigerator to the hot sun ■ ■' 
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(iii) When nitrogen reacts with oxygen, nitric oxide is formed . This 
reaction takes place by the absorbance of heat. Although, N, and O, are present in air, but they 
do not react chemically at ordinary conditions.The reaction takes place when the energy is 
provided by lightning . 

N, (g)+ 0, (g) ' ■ 2N0(g) (Non -spontaneous reaction) 

Our common experience, shows that spontaneous processes proceed with a 
decrease in energy. We might expect, therefore, that a chemical reaction would proceed 
spontaneously if the reaction system decreases in energy by transferring heat to its 
surroundings. In other words, we might expect ail exothermic reactions to be spontaneous. 
This is usually true, but not always. There are many endothermic changes that proceed 
spontaneously although they absorb heat. For example, 

H 2 0 (f) -> H 2 0(g) AH = 44.0 kJmoT’ 

Ammonium chloride dissolves in water and this process is also endothermic 

NH,CI(s) " Nil/ (aq) + Cl (aq) AH = 15.1 kjmor’ 

Thus, energy change alone cannot help us to predict, whether a reaction will occur 
spontaneously or not. To predict whether a reaction will occur spontaneously or not it is 
necessary to study the free energy' of the system. The concept of free energy can help us to 
understand the processes in terms of entropy change. Anyhow, its discussion is outside the 
scope of this book. 


7.2 SYSTEM, SURROUNDING AND STATE FUNCTION 

These are the terms employed in the study of thermochemistry. To understand the 
energy changes in materials, let us define these terms. We shall be 
using them frequently later on. The term system is used for anything (materials) under test 
in the laboratory, or under consideration in the classroom for the purpose of argument.. We 
can say that any portion of the universe which is under study is called 

a system and the remaining portion of the universe is known as its surroundings. 

The real or imaginary surface separating the system from the surroundings is called 

the boundary, Fig. (7.1). In an experimental work, a specific 
amount of one or more substances constitute a system, e.g. one 
mole of oxygen confined in a cylinder fitted with a piston is a 
system. The cylinder, the piston and all other objects outside the 
cylinder are surroundings. Similarly, a cup of water is a system. 

The air surrounding it, the table on which it is lying, etc. are 
surroundings. 


Surrounding 


Consider, the reaction between Zn and CuS0 4 solution. 
This can be called a system under observation. The flask, the air 
etc* are. the surroundings, Fig(7*l). 



Boundary 


Fig (7.1) System and 
surroundings 


ro 
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The state of a system is the condition of a system. When any process is performed on 
a system its state is altered in some ways. Let us consider a beaker containing water. It will be 
a system having certain temperature and volume. This initial condition of the system may be 
called the initial state. Suppose we heat the beaker. The system will undergo a change after 
heating. The final condition of the system may now be called the final state of the system. By 
comparing both initial and final states of the system, we can describe the change taking place 
in the system. 

Let Tj and T, denote the temperatures of water before and after heating,respectively. 
The change in temperature AT, may then be represented as 

AT = Final temperature - initial temperature 

AT = T, - Tj 

A state function is a macroscopic property of a system which has some definite 
values for initial and final stales, and which is. independent of the path adopted to bring about a 

By convention, we use capital letters as symbols for a state function, e.g. pressure 

(F), temperature (T), volume (V), internal energy (E) and enthalpy (H), are all state 
iiinctiGiis. 

Let us suppose, that V, is the initial volume of a gas. A change is brought about in the 
gas and its final volume becomes V,. The change in volume (AV) of the gas is given by 

AV = V 2 -V, 

Now, this change in volume of the gas can be brought about either by changing 
temperature or pressure of the gas. Since V is a state function, so AV will be independent of 

the way the volume of the gas has been changed. It will only depend upon the initial and final 
volumes of the gas. 

7.3 INTERNAL ENERGY AND FIRST LAW OF 
THERMODYNAMICS 

A system containing some quantity of matter has definite amount of energy present 
in it. This energy is the sum of kinetic as well as the potential energies of the particles 
contained in the system. The kinetic energy is due to the translational, rotational and 
vibrational movements of particles, Fig (7.2). The potential energy accounts for all the types 
of attractive forces present in the system. These attractive forces, include all the types of 
bonds and the van dcr Waal's forces present between the particles. The total of all the 
possible kinds of energies of the system is called its internal energy, E. The change in 
internal energy of the system AE is a state function. 

It is not possible, to measure the absolute value of internal energy of a system but it 
is often possible to measure the value of AE for a change in the state of the system. 
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(a) 
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to°° 
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(c) 


Translational motion of Ht 
gas molecules 


A- diatomic molecule A tetraatomic molecule 

, H 2 is vibrating say BF, is rotating on an axis 

Fig (7.2) Translational, vibrational and rotational movements of molecules. Diatomic molecules have 
translational motions as well. Anyhow triatomic and higher molecules have translational, vibrational 
and rotational motions. 

There are two fundamental ways of transferring energy to or from a system. These 
are heat and work. 

Heat is not a property of a system. It is therefore not a state function. i-.de: 
the quantity of energy' that flows across the boundary' of a system during a change in its state 
due to the difference in temperature between the system and the surroundings. Heat evolved 
or absorbed by the system is represented by a symbol q. Work is also a form in which energy 7 is 
transfered from one system to another. It is defined as the product of force and distance i.e. 
W - F x S. Work is measured in Joules in SI units. There are different kinds of work. The 
t\ r pe of work we most commonly encounter in chemistry is pressure- volume work. For 
example, expansion can occur when a gas is evolved during a chemical reaction Fig (7.(5). In 

such eases, the work W done by the 
system is given by 

W — -PAV (In pressure volu me 
work, force becomes pressure and 
distance becomes volume change) 

Where P is the external 
pressure and AV is the change in 
volume. Work is not a state function. 

The sign of W is positive when work is 
done on the system and it is negative 
when work is done by the system. 

Similarly the sign of q is positive when heat is absorbed by the system from 
surroundings, and it is negative when heat is absorbed by the surroundings from the system. 

7.3.1 First Law of Thermodynamics 

The first law of thermodynamics, also called the law of conservation of energy, states 
that energy can neither be created nor destroyed, but can be changed from one from to 
atif Jthcr. In other words, a system cannot destroy or create energy. However, it can exchange 
energy with its surroundings in the form of heat and work. Thus, the energy change is the 
sum of both heat and work, so that the total energy of the system and its surroundings 



Fig 1 1 A ) Pressure-volume work during expansion 
of a gas. 
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remains constant. 

Consider, a gas enclosed in a cylinder having a frictionless piston Fig (7.4). When a 
quantity of heat 'q' is supplied to the system, its internal energy 'E /changes to’E,' and piston 


moves upwards. The change in internal energy AE is 
given by the following equation. 

AE = E 3 - E, = q + w 
AE = q+w 

In this equation, 'q' represents the amount of 
heat absorbed by the system and 'w' is the work done by 
the system in moving the piston up, Fig (7.4). 

If V is pressure-volume work, them the above 
expression assumes the following form 



Initial stale Final state 


AE - q- PAV (2) 

When the piston is kept in its original position or 


Fig (7.4) Expansion of a gas and 
pressure-volume work. 


the volume of the gas is not allowed to change, then AV = 0 and equation (2) will take 
the following form. 

AE = q v fv* (3) 

This shows that a change in internal energy of a system, at constant volume is equal to 
heat absorbed by the system (q v ) . 


7.4 ENTHALPY 

Again consider the same process as described above. A quantity of heat q is given to 
the system (gas) which is now kept at constant atmospheric pressure. A part of this heat is 
used to increase the internal energy' of the gas and the rest is used to do work on the 
surroundings. This work is done by the gas, when it expands against a constant pressure. 

take account of increase in internal energy' and accompanying work done by the gas, there is 
another property of the system called enthalpy or heat content It is represented by H. In 
general, enthalpy is equal to the internal energy, E plus the product of pressure and volume 
(PV). 


H=E + PV 

Enthalpy is a state function. It is measured in joules. It is not possible, to measure the 
enthalpy of a system in a given state. However, change in enthalpy (AH) can be measured for 
a change in the state of system . A change in enthalpy of a system can be written as: 

AH = AE + A(PV) 

or AH - AE + VAP + PAV 

Since, the gas is kept at constant pressure, AP - 0 
Hence AH - AE + PAV (4) 

In case of liquids and solids, the changes in state do not cause significant volume 
change i.e. AV - 0. For such process, AH and AE are approximately the same i.e. Al I » AE. 

According to first law of thermodynamics: 
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AE = q + w 

If w is pressure - volume work done by the system, then: 

,w--PAV 

So AE = q - P AV 

Putting the value of A E in equation (4) we get: 

AH - q - P AV + P A V 



AH - q 

Since the pressure is constant, therefore, 

AH = q p (5) 

This shows that change in enthalpy is equal to heat of reaction at constant pressure. 
The reactions are carried out at constant pressure more frequently than at constant volume. 
So, working with All is more convenient rather than AE. 


Example 1: 

When 2.00 moles of H 2 and 1.00 mole of 0 2 at 100°C and 1 torr pressure react to 
produce 2.00 moles of gaseous water. 484.5 kj of energy are evolved. What are the values of 
(a) AH (b) AE for the production of one mole of HX> (g)? 

r>X£P 1 ° 

Solution: 

(a) The reaction is occurring at constant pressure. 

2 H, (g) + 0,(g) -» 2 H,0 (g) 

The enthalpy change for one mole of water vapours is 


AH - - - 484 5k .J 4242 ,2kJ moll Answer 

2 moles ofH.,0 


The minus sign shows that the reaction is exothermic for the production of 1 mole of water, 
(b) To calculate AE from AH, wc use the equation (4) 

AH - AE + PAV 

Let us, first calculate the value of PAV using the ideal gas equation 
PV - nRT 
= AnRT 

- No. of moles of the products - No. of moles of the reactants 

- 2 moles - 3 moles = -1 mole 

- 8.314J K'mol 1 
i - 373 K 

PAV = AnRT (6) 

pav = .imnLvR^i/nTmnc'vWK 


Or 

Now, 


PAV 

An 




,o* 


R 

T 



PAV = AnRT 

PAV = - 1 mole x 8 .3 1 4] mo! K' 1 x 373 K 
PAV = -3100J=-3.10kJ 

This is the value for 2 moles of water. For the format! on of 1 mole of water, 




202 


^ 


PAV - 


-3.10 


— -1.55 kjmol' 


.p'QO "" 2 

On substituting, these values into equation (4). 

AH = AE + PAV 
AE = AH - PAV 
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AE — |- 240,6 k.T mo i l Answer 
7.4.1 Enthalpy of a Reaction (AH) 

fh .i exuthermic ■■ taction, the heat content or enthalpy of the products H„ is less 

than that of the reactants H,. Since, the system has lost heat, we can say the enthalpy change 
tor the reaction AH is negative, Fig (7.5 a) 

In an endothermic reaction, the enthalpy of products H„ is greater than that of the 

reactants H, and the enthalpy change, AH is positive. These enthalpy changes are 
represented in Fig (7.5 b). ' b 

The standard enthalpy of a reaction AH° is the enthalpy change which occurs when 
the certain number of _ . 3 *xr 


I 


Increasing 

enthalpy 


Es«j[f tannic reaction 
Reactants 


H r 


l oss of enthalpy 
AH is negative 
AH*Hj -H, - -ve 


Products 


-H 


Increasing 

enthalpy 


Endothermic reaction W _ 


Gam in enthalpy 
VH is positive 

AH - H, - H,= +ve 


(a) 


Reactants 

(b) 


-H 


Fig (7.5) Enthalpy changes in thermochemical reactions 


the certain number of 
moles of reactants as indicated by 
the balanced chemical equation, 
react together completely to give 
the products under standard 
condition, i.e 25 V (298K) and one 
atmosphere pressure. All the 
reactants and products must be in 
their standard physical states. Its 
hnits are kJ mol' 1 

2H Tg) + 0,(g) -> 2H,0 (0 AH' = -285.8 kjmol' 1 . 

-285.8kJmol 1 is standard enthalpy of reaction, 

7.4.2 Enthalpy of Formation (AH° f ) 

! he standard enthalpy of formation of a compound is the amount of heat absorbed or evolved 
when one mole of the compound is formed from its elements. It is denoted bv AH° f All the 

substances involved are in their standard physical states and the reaction is carried om und r 
standard conditions i.e. at 25X (298 K) and one atm. pressure. Its units are S mo “ Z 
example, the enthfrlpy of formation, ( AH" f )forMgO(s) is - 692 kjmofr 

M S( S ) + -AO.fg) ^ MgO(s) AH° f = -692 kJ mol J 

relea ^ * f0m 3917 « ‘ ° f !■ 
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Tl*e standard enthalpy of atomization of an element is defined as the amount of heat absorbed 
when one mole of .caseous atoms are formed from the element under standard conditions. It is 

denoted by H' at . For example, the standard enthalpy of atomization of hydrogen is given below. 


V&Hjtg) -s- H(g) AH" ll = 218kJmoI' 1 

A wide range of experimental techniques, are available for determining enthalpies of 
atomization of elements. 

7.4.4 Enthalpy of Neutralization {AH D J 

The standard .enthalpy of neutralization is the amount of heat evolved when one 
mole of hydrogen ions H from an acid, react with one mole of hydroxide ions from a base to 

" v; - . i : . For example, the enthalpy of neutralization of sodium hydroxide by 

hydrochloric acid is -57.4 kj mol . Note that a strong acid HC1 and a strong base, NaOII, 
ionize completely in dilute solutions as follows. 

HC1 (aq) ^ ^ H“(aq) + Cl (aq) 

NaOH(aq) ^ — Na 1 (aq) + OH'(aq) 

When these solutions are mixed together during the process of neutralization, the 
only change that actually occurs is the formation of water molecules leaving the sodium ions 
and the chloride ions as free ions in solution. Thus, the enthalpy of neutralization is merely 
the heat of formation of one mole of liquid water from its ionic components, 

H”(aq)+ Cf(aq) + Na + (aq) + OH (aq) Na + (aq) + Cl' (aq) + H,0(0 

0r H + (aq) + OH' (aq) H 2 0(f) AH" a = -57.4 kj mol 1 

Enthalpy of neutralization for any strong acid with a strong base is approximately the same 
i.e. -57.4 kj mole ' 1 . 

7.4.5 Enthalpy of Combustion ( A H) 

fhe standard enthalpy Of combustion of a substance is the amount of heat evolved 
v. hen one mole of a substance is completely burnt in excess of oxygen under standard 
conditions. It is denoted by AH ' . 

For example, standard enthalpy of combustion of ethanol AH", is-1368kj mol' 1 . The 
reaction is represented by the following equation. 

C J LOH (0 + 3 O, (g) -» 2 C0 2 (g) + 3 H, 0 (?) a A H" c - -1368kJ mol 1 

7 .4>6 Enthalpy of Sol utio n (AH r ', nl ) 

The standard enthalpy of a solution is the amount of heat absorbed or evolved when 
one mole of a substance is dissolved fri so much solvent that further dilution results in no 
detectable heat change. 
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For example, enthalpy of solution (AH” J of ammonium chloride is + 16.2 kjmol 1 
and that of sodium carbonate is -25.0 kjmol 1 . In the first case, heat absorbed from the 
surroundings is indicated by cooling of the solvent (water), an endothermic process. While in 
the second case, the temperature of the solvent rises showing that the process is 
exothermic. 

7.4.7 Measurement of Enthalpy of a Reaction 

Exothermic and endothermic reactions can easily be detected by observing the 
temperature of the reaction vessel before and after the reaction, as long as the heat of 
reaction evolved or absorbed is considerable. More accurate values of AH can be determined 
by using calorimeters as described below. 

(i) Glass Calorimeter 

For most purposes, an ordinary glass calorimeter can be used to determine the value 
of AH. I his usual type of calorimeter, is basically an insulated container with a thermometer 
and a stirrer, Fig (7.6). Reactants in stoichiometric amounts are placed in the calorimeter. 
When the reaction proceeds, the heat energy evolved or absorbed will either warm or cool 
the system. The temperature of the system is recorded before and after the chemical 
reaction. Knowing the temperature change, 
the mass of reactants present and the 
specific heat of water, we can calculate the 
quantity of heat q evolved or absorbed 
during the reaction. Thus: 

q^mxsxAT (7) 

Where m — mass of reactants, s — specific 
beat of the reaction mixture and AT is the change 
in temperature. The product of mass and specific 
heat of water is called heat capacity of the whole 
system 

Example 2 : Neutralization of 100 cm' 1 of 0.5 M NaOH at 25°C with 100cm 3 of 0.5 M HC1 at 
25°C raised the temperature of the reaction mixture to 28.5 n C. Find the enthalpy of 
neutralization. Specific heat of water - 4.2 J KV 

Solution: O'* . - 

Specific heat of water, s = 4.2JK 1 g 1 

Density of H 2 Q is around lgcm , so 200 cm of total solution is approximately — 200g 
Hence, total mass of the reaction mixture = 200g 
Rise jn temperature,'; AT - 28,5 -25.0 = 3.5°C - 3,5 K 
100cm 3 of 0.5 M NaOH = 100cm 3 of0.5MHCl 

0.5 M solution means that 1000 cm 1 of solution has O.Smoles of solute 


Stirref 


Hydrochloric 
add + sodium 
hydroxide 



Beakers 


CoUon woof 


Hg ( 7 , 6 ) Glass calorimeter to measure 
enthalpy change of reactions. 
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So 100 cm 3 of 0.5 M solutions 
Amount of total heat evolved , (q) 


-0.05 moles of HC! andNaOII, respectively 
=raxsx AT 

= 200g x 4.2 Jg 1 K ' x 3.5K - 2940J 
=294 OJ = 2.94kJ 


Since, the reaction is exothermic 


So, q 

When this heat is divided by number 

Enthalpy of neutralization, (AH°„ ) = 


= -2,94kJ 

of moles, then AH„° is for one mole 

-2.94 kj 
0.05 mol 


-58.8 kj mol 


Answer 





Current for 
ignition coil 


Stirrer 


Need hf vwlve 


Water- 


Steel bomb 


'Graphite sample 
-insuliaterl jacket 


Ignition coJ! 


Thermometer 


(ii) Bomb Calorimeter 

A bomb calorimeter is usually used for the accurate determination of the enthalpy of 
combustion for food, fuel and other compounds. A bomb calorimeter is shown in Fig (7.7). It 
consists of a strong cylindrical steel vessel usually 
lined with enamel to prevent corrosion. A known 
mass (about one gram) of the test substance is 
placed in a platinum crucible inside the bomb. The 
lid is screwed on tightly and oxygen is provided in 
through a valve until the pressure inside is about 20 
atm. After closing the screw valve, the bomb 
calorimeter is then immersed in a known mass of 
water in a well insulated calorimeter. 'Then, it is 
allowed to attain a steady temperature. The initial 


.&aiirtQ Ting 


Fig (7.7) Bomb calorimeter 


temperature is measured, by using the thermometer present in the calorimeter. The test 
substance is then, ignited, electrically by passing the current through the ignition coil. The 
temperature of water, which is stirred continuously, is recorded at 30 sec intervals. 


From the increase of temperature AT, heat capacity (c) in kJK' 1 of bomb calorimeter 
including bomb , water etc., we can calculate the enthalpy of combustion. 

The heat capacity 'c 1 of a body or a system is defined as the quantity of heat required to 
change its temperature by 1 kelvin. 

" CXA1 , cie ^ 00 

Example 3 : 10. 16g of graphite is burnt in a bomb calorimeter and the temperature rise 

recorded is 3.87K. Calculate the enthalpy of combustion of graphite, if the ‘heat 
capacity of the calorimeter (bomb, water, etc.) is 86.02 kj K' 1 


206 


— . 


Chemistry XI 


Solution: 

Heat capacity of bomb calorimeter _ n9 . ^ 

Rise in temperature of the calorimeter and its contents - s 87K 

Hea.Ba.ned by the system (bomb calorimeter anti , Zf?* 

= 86.02kJK' 1 x3.87K 
= 332.89 kj 

This hea, is evolved by burning 10 .l 6g „ f g raphitc ^ 

= 0.843 mole of graphite 


Hence enthalpy of combustion of graphite per mole = 33 2.89 

0.843 


kjmol 


Since heat is evolved during combustion, so the sign of theanswenroul^be^g^ve^ 

-;395 kj mol' 2 Answer 

7.5.0 HESS'S LAW OF CONSTANT HEAT SUMMATION 

_ There are many compounds, for which AH cannot be measured directly by 
calorimetric method. The reason is, that some compounds like tetracbloromethane (CCD 
cannot be prepared directly by combining carbon and chlorine. Similarly, it does not 
decompose easily into its constituent elements. In the same way, boron oxide (B,0 ) and 
a iimmium oxide (Al,O g ) provide problems for the measurement of standard enthalpies of 
their formation. In these cases, it is difficult to burn these elements completely in oxygen 
because a protective layer of oxides covers the surface of the unreacted element. Similarly 
heat of formation of CO cannot be measured directly due to the formation of CO, with it 

As a result, of above mentioned problems, the chemists had to look for methods of 

obtaining standard enthalpies of formation indirectly. The energy cycle shows two routes for 
com erting graphite and oxygen to CO„ whilst the alternative route goes via CO 

“JT. T™ TTff lhat the ° vera11 entha| py change for the conversion of 
graphite to CO is independent of the route taken, Lhat is, 

All- AHj + aH, (g) 

If the enthalpy of combustion for graphite to form CO, and the enthalpy of 
combustion of CO to form CO ; are known, we can determine the enthalpy of formation for CO 

asfoUows! 6 ^ th " f ° Il0Wing Cyde - The ° Xidati0n of carbon graphite) can be written 

C (graphite) + 0, (g) — ► C0 2 (g) All (graphite)- 393.7UJ mol 1 

CO (gas) + % 0, (g) -> CO, (g) AH, (CO)— -283 k} mol 1 

C (graphite) + >4 0, (g) -+C0 (g) AH, (CO)- ? 
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Applying equation (8) AH- AH,+AH»> 
or AH, = AH- AH 2 

- -898 - (- 283 ) 

— -llOkJmol 1 

So, the enthalpy change for the formation of CO(g) is -110.0 kjmol 1 . * co 


■to 0 ' 



The method we have just used in obtaining equation (8), is a specific example of 
Hess's law of constant heat summation. This law states that 

If a chemical change lakes place by several different routes, the overall energy 
change is the same, regardless of the route by which the chemical change occurs, provided 
the initial and final conditions are the same. 

Let A can be converted to D directly in a single step and heat evolved is AH. If the 
reaction can have a route from A — > B -> C as shown below . A pj 

According to Hess’s law, AH = AH, + AH, + AH 3 . I] * / 


Nf- 

B 


/ah, 


AH, 


+ C 


then AH - 0. 


Mathematically, £A H (cycle) - 0 
Of course, Hess's law* is simply an application of the more 
fundamental law of conservation of energy. So, TA H (cycle) — 0 
It means that if one goes form A to D directly and comes back to A through B and C 




KP 


The formation of sodium carbonate, is another example for the verification of Hess’s 
law. The formation of sodium carbonate may be studied as a single step process, or in two 
steps as via sodium hydrogen carbonate. 


Single Step Process 

2 NaOII(aq) + CO, (g) - >.\a CO (aq) + 1 10 W 


AH- -89.08 kj 


AH, - -48.06kJ 
AH, - -41.02kJ 

( 8 ) 


Two Step Process 

NaOH(aq) + CO,(g) -vNaHCOiaq) 

NaHCO,(aq) + NaOH (aq) -4 Na 2 CO, (aq) + H,O(0 
According to Hess's law; 

AH = AH,+ aH, 

Putting the values of AH, AH,, AH,, in equation (8) 

-89.08 =-48.06-41.02 
-89.08 =-89.08 

This illustrates, how heats of reactions may be added algebraically and this proves 
Hess's law. Hess's law finds its best applications in Born -Haber cycle, 

7.5.1 The Born -Haber Cycle 

This cycle has wide applications. It fmds its special applications in Hess’s 
law. It states that energy change in a cyclic process is always zero. It enables us, to calculate 


208 


Chemistry XI 


the lattice energies of binary ionic compounds such as M~ X . 

The lattice energy of an ionic crystal is the enthalpy of formation of one mole of the 
ionic compound from gaseous ions under standard conditions. 

Thus, the lattice energy of NaCl corresponds to the following process. 


Na + (g) + Cl”(g) 


Na Cl'(s) 


AH C 


- -787 kj mol 


Lattice energies cannot be determined directly but values can be obtained indirectly 
by means of an energy cycle. In Fig (7.8), an energy' triangle of sodium chloride is shown. 


Na(s) + 1/2 CL (g) 


AH 


* Na + (g) + Cl(g) 



Since, AH'), the standard enthalpy of formation of sodium chloride, can be measured 
conveniently in a calorimeter. AH", can be obtained if AH, which is the total energy involved in 
changing sodium and chlorine from their normal physical states to gaseous ions, can be calculated. 

In Fig (7.9), the previous energy triangle has been extended to show the various 
stages involved in finding AH. The complete energy cycle is called a Born -Haber cycle. 


Na 1 Ik) + c~ i Cl ( g) 

AH.. Of Cl. (c) - - + 121 kj mol 1 ' t > : >i , i r 


AH, ofNa(g)t i 4% kj mol „ K nfNa) 
Na (.g) + % Cl 2 (g) 


energy' CIJ 

Na 1 ( K ) + e" + 1/2 0,|$ All, of Cl = 349 KJ mol ' 

fFlivtpfai affinity nLCl) 


m l 4% 

AH,., of Na (a) t + 108 kj mol 1 ^ l>fatonulatM 


Nu + tg) + cr ig) 


tifNa) 


Na (8) + Vk Cl s (g) yfNa ' C1 " (s > = ? 


AH, of Na" Cl (aft 




& 


-411 lyjmol 


Na + Q ( S ) 


(LaiLiee energy of ^aCI) 


■ (Futal product) 


Fig (7.9) Born -Haber cycle 






is clear from the picture of Born-Haber cycle in Fig (7.9) that 
AH. — ^Hutte) AH Wll + AH at , cli + AH.gjQ, 

The first two stages in this process involve atomizing and the ionizing of sodium. The 
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heat of atomization of sodium can be obtained from values of its heat of fusion, heat of 
vaporization and specific heat capacity. 1 he first ionization energy of sodiimi ran be 
determined spectroscopically. 

Na(s) -»Na(g) AIL - 108kJ mol : 

Na (g) — >Na(g) + le All r - 496kJ mol' 1 

The third and fourth stages in the expression for AH, above, involve the atomization 
of chlorine and the conversion of chlorine atoms to chloride iofis, respectively. The later 
process is, of course, called the electron affinity of chlorine. 

The heat of atomization of chlorine can be obtained from spectroscopic studies: 

¥z Cl, (g) -» Cl (g) AIL - kj mol 1 

whilst, the electron affinity for chlorine can also be found by similar methods. 

Cl (g) + e" ->C1 (g) AH - *349 kj mol 1 

Thus AH, = (108 + 49fi +121-349} =-376 kj mol' 1 

1 he lattice energy for sodium chloride can thus be obtained: 

~ AH , + AH, (from Hess's Law) 

AH'> AH° - AH, 

Using the values from Fig (7.9) 

AH, = -411-376 =-787 kJnioL 

The lattice energy, gives us some idea of the force of attraction between Na* and Cl 
ions m crystalline sodium chloride. Lattice energies are very helpful in discussing the 
structure, bonding and properties of ionic compounds. 


KEY POINTS 


Substances exist because they possess energy. Energy can be transformed in form of 

heat and the study of heat changes accompanying a chemical reaction is called 
thermochemistry. 

2. Whenever, a reaction happens, then the driving force is the enthalpy change, 
alongwith the entropy change. Both these parameters decide upon spontaneity of 
reaction. 

3. Most of the thermodynamic parameters are state functions. 

4. First law of themodynamics is the law of conservation of energy and helps us to 
understand the equivalence of heat and work. 

When heat is supplied to the system at constant pressure, then it is the enthalpy 
change of the system. Anyhow, at constant volume, the heat supplied is just equal to 
internal energy change. 

1 here is difference between heat and temperature. The amount of heat evolved or 
absorbed can be measured in laboratory by using glass calorimeter or bomb 
oa 1 oi ime ter. The amount of heat is calculated from mass of the reactants, specific 
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Q.l 

(i) 

(ii) 

(Hi) 

(iv) 

(v) 

(vi) 

(vii) 

(viii) 


heat and change of temperature. 

Hess’s law of heat summation is another form of first law of thermodynamics. It 
helps us to determine the enthalpy changes of those chemical reactions, which can 
not. be carried out in laboratory or heat changes are difficult to measure. 

According to Bom-Habcr cycle, another form of Hess’s law, the energy change in a 
cyclic process is always equal to zero. With the help of this cycle, we can calculate 
lattice energy of ionic crystals. 



EXERCISE 

Select the suitable answer from the given choices. 

If an endothermic reaction is allowed to take place very rapidly in the air T the 

temperature of the surrounding air 

(a) remains constant (b) increases 

(c) decreases (d) remains unchanged 

in endothermic reactions, the heat content of the 

(a) products is more than that of reactants 

(b) reactants is more than that of products 

(c) both (a) and (b) 

(d) reactants and products are equal 
Calorie is equivalent to 

(a) 0.4184 J (b) AIM] (c) 4.1 84 J (d) 418.4 J 

The change in heat contents of a chemical reaction at constant temperature and 
pressure is called 

(a) enthalpy change (c) heat of sublimation 

(b) bond energy (d) internal energy change 

Which of the following statements is contrary to the first law of thermodynamics? 

(a) Energy can neither be created nor destroyed 

(h) One form of energy can be transferred into an equivalent amount of other 
kinds of energy. 

(c) In an adiabatic process, the work done is independent of its path. 

(d) Continuous production of mechanical work without supplying an equivalent 
amount of heat is possible. 

For a given process, the heat changes at constant pressure (q p ) and at constant 

volume (q ) are related to each other as 

(a)q p = q v (b)q ? <q,. (c) q p > q, M> % = %& 

For the reaction: NaOII+IICl > Na Cl + H,0 the change in enthalpy is called 

(a) heat of reaction (b) heat of formation 

(c) heat of neutralization (d) heat of combustion 

The net heal change in a chemical reaction is same, whether it is brought about in two 

or more different ways in one or several steps. It is known as 

(a) Henry's law (b) Joule's principle 
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(ix) 


(b) 


Q.6 


( c - Hess's law (d) Law of conservation of energy 

Enthalpy of neutralisation of all the strong acids and strong bases has the same value 

because 


(a) 

(h) 

(0 

(d) 


Q.2 

(i) 

(ii) 
(hi) 

(iv) 

(v) 

Q.3 

(i) 

(iiH 

(iii) 

(iv) 

(v) 

Q.4. 

(i) 

(ii) 

(iii) 

(iv) 
0.5(a) 


neutralisation leads to the formation of salt and water, 
strong acids and bases are ionic substances, 
acids always give rise to H + ions and bases always furnish 0 H ions, 
the net chemical change involve the combination of H" and OH ions to form 
water. 

Fill in the blanks with suitable words. 

The substance undergoing a physical or a chemical change forms a chemical 
The change in internal energy be measured . 


values of heats 


Solids which have more than one crystalline forms possess 
of formation. 

A process is called _if it takes place on its own without any external 

assistance. 

A is a macroscopic property of a system which is of the path 

adopted to bring about that change. 

Indicate the true or false as the case may be. 

It is necessary that a spontaneous reaction should be exothermic. 

Amount of heat absorbed at constant volume is internal energy change. 

The work done by the system is given the positive sign. 

Enthalpy is a stale function but internal energy is not. 

Total heat content of a system is called enthalpy of the system. 

Define the following terms and give three examples of each 
System (v) Exothermic reaction 

Surroundings (vi) Endothermic reaction 

State function (vii ) Internal energy of the system 

Units of energy (viii) Enthalpy of the system 

Differentiate between the following: 

(i) internal energy and enthalpy 

(ii) Internal energy change and enthalpy change 

(iii) Exothermic and endothermic reactions 

Define the following enthalpies and give two examples of each 

6 ) " ‘ ' 

(ii) 

(iii) 

(iv) 

(a) 

(b) 

(c) 




,oV> s 


Q.7 (a) 


Standard enthalpy of reaction 
Standard enthalpy of combustion 
Standard enthalpy of atomization 
Standard enthalpy of solution 
What are spontaneous and non -spontaneous processes. Give examples. 
Explain that burning of a candle is a spontaneous process. 

Is it true that a non -spontaneous process never happens in the universe? 
Explain it. 

What is the first law of thermodynamics. I low does it explain that 
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Q.8 

Q-9 

Q.10 


Q.ll 


Q.12 


Q.13 


Q.14 


Q. 15 


(i) Q v =AE (ii) q p - AH 

(b) How will you differentiate between AE and AH? Is it true that AH and AE 
have the same values for the reactions taking place in the solution state. 

(a) What is the difference between heat and temperature? Write a mathematical 
relationship between these two parameters. 

(b) How do you measure the heat of combustion of a substance by bomb 
calorimeter. 

Define heat of neutralization. When a dilute solution of a strong acid is 
neutralized by a dilute solution of a strong base, the heat of neutralization is found to 
be nearly the same in all the cases. How do you account for this? 

(a) State the laws of thermochemistry and show how are they based on the first 
law of thermodynamics. 

(b) What is a thermochemical equation. Give three examples. What 
information do they convey? 

(c) Why is it necessary to mention the physical states of reactants and 
products in a thermochemical reaction? Apply, Hess's law to justify 
your answer. 

(a) Define and explain Hess's law' of constant heat summation. Explain it 
with examples and give its application. 

(b) Hess's law helps us, to calculate the heats of those reactions, which 
cannot be normally carried out in a laboratory. Explain it. 

(a) What is lattice energy? How does Born -Haber cycle help to calculate the 
lattice energy of NaCl? 

b) Justify that heat of formation of compound is the sum of all the other 
enthalpies. 

50 cm 1 of 1.0 M HC1 is mixed with 50 cm’ of 1 .00 M NaOH in a glass calorimeter. The 
temperature of the resultant mixture increases from 21, 0 1 C to 27.5 'C, Assume, that 
calorimeter losses of heat are negligible. Calculate the enthalpy change mole' 1 for 
the reactions. The density of solution to be considered is 1 gem 3 and specific heat is 
4.18JgV. (Ans: -54 kj mol 1 ) 

Hydrazine (N 2 H„) is a rocket fuel. It burns in O a to give N 2 and H,0. 

N«II 4 (0 + 0 2 <g) -+ N 2 (g) + 2 HA) (g) 

1 .00 g ofNJI, is burned in a bomb calorimeter. An increase of temperature 2.51 "C is 
recorded. The specific heat ot calorim eter is 5 . 5kJK ‘g '.Calculate the quantity of heat 
evolved. Also, calculate the heat of combustion of 1 mole of N H 

A ... u . . J,Aus:-19.3kJ, -OlSkJmol' 1 ) 

uctane (L g H IS ) is a motor fuel. 1 ,80 g of a sample of octane is burned in a bomb 

calorimeter having heat capacity 11.66 kJK The temperature of the 
calorimeter increases from 21.36°C to 28.78°C. Calculate the heat of 
combustion for l-8g of octane. Also, calculate the heat for 1 mole of octane. 

(Ans:86.51kJ, -5478.84kJmor 1 ) 
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By applying, Hess's law calculate the enthalpy change for the formation of an 
aqueous solution of NH C1 from Nil gas and_ H Cl gas. The results for the 
various reactions and pressures are as follows. 

(i) NH 3 (g) + aq — >NII 3 (aq) 

(ii) HCl(g) + aq -^HCl(aq) 

(iii) Nil, (aq) + HC1 (aq) -»NH 4 C1 (aq) 


AH - -35.16 kj mol 
AH = -72.41 kj mol' 
AH = -51.48 kj mol 1 


Q.17 


Q.18 


Q.19 


Q.20 


Q.21 (a) 


(b) 


(Ans: -159.08 kj mol '*) 

Calculate the heat of formation of ethyl alcohol from the following information 

(i) Heat of combustion of ethyl alcohol is -1367 KJ mol' 5 

(ii) Heat of formation of carbon dioxide is -393.7 kj mol' 1 

(iii) Heat of formation of water is -285.8 kj mol 1 (Ans: -278.4 kcafmol' 1 ) 

If the heats of combustion of CR,. H, and C,H,, are -337.2, -68,3 and -372.8k 
calories respectively, then calculate the heat of the following reaction. 

C 2 H 4 (g) + IL(g) ->C 2 H„ (g) (Ans: -lOlkcaljnpr) 

Graphite and diamond are two forms of carbon. The enthalpy of combustion of 
graphite at 25 °C is -393.51 kj mol 1 and that of diamond is -395.41 kj mol' 1 . 

What is the enthalpy change of the process? Graphite -> Diamond at the same 
temperature? (Ans: 1.91 kj mol 1 ) 

What is the meaning of the term enthalpy of ionization? If the heat of 
neutralization of HC1 and NaOH is -57.3 kj mol 1 and heat of neutralization of 
CHjCOOH with NaOH is -55.2 kj mol 1 , calculate the enthalpy of ionization of 
CH 3 COOH. (Ans: 2.1 kj mol 1 ) 


(c) 


Explain what is meant by the following terms. 

(i) Atomization energy 

(ii) Lattice energy 

Draw a complete, fully labeled Born-Ha her cycle for the formation of 
potassium bromide. 

Using the information given in the table below, calculate the lattice energy 
of potassium bromide. 


Reactions 

A H/kJ mol 1 

K(s) + W Br,(?) -v K + Br'(s) 

- 392 

K(s) > K(g) 

+ 90 

K(g)-> K'(g)+e 

+420 

V 2 Brit) > Br (g) 

+ 112 

Br(g) + e-> Br'(g) 

- 342 


(Ans: -672 kj mol' 1 ) 


•V 






CHEMICAL EQUILIBRIUM 
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8.1 .0 REVERSIBLE AND IRREVERSIBLE REACTIONS 

A chemical reaction can take place in both directions, i.e. forward and reverse, but in 
some cases the tendency of reverse reaction is very small and is negligible. For example, 
sodium reacts with water to form sodium hydroxide and hydrogen gas, 

2 Na (s) + 2 H, 0 (/:) — ► 2NaOII (aq) + H, (g) ' 

The tendency for hydrogen to react with sodium hydroxide to form sodium and water is 
negligible at normal temperature. This is an example of irreversible reaction. 

Let us take another example of the reaction between two parts of hydrogen and one 
part of oxygen by means of an electric spark at normal temperature and pressure. The 
l caction occurs stoichiometrically according to the following chemical equation 
2H,(g) -t 0,(g) — -► 2H, 0 (0 

If hydrogen and oxygen are present in correct proportion, there will be no residual 
gases i.e. hydrogen and oxygen. If the product is heated to a temperature of 1500°C, a 
noticeable quantity of H,0 decomposes, producing hydrogen and oxygen. It means that 
reverse reaction does occur, but only at higher temperature. It is very likely that the reverse 
reaction occurs at low temperature, but it is too small to be noticeable. The reaction between 
stoichiometric amounts of hydrogen and oxygen proceeds to completion in the presence of 
electric spark. Such reactions are called irreversible reactions and they take place in one 
direction only. 

Now, consider a reaction between nitrogen and hydrogen at 450°C under high pressure 
in the presence of iron as a catalyst. 


Fe /450°C 

N,(g) + 3 H, (gj v 2 NH, (g) 

high pressure 

The reaction mixture, after some Lime, will contain all the three species i.e. nitrogen, 
hydrogen and ammonia. No matter, how long the reaction is allowed to continue the 
percentage composition of species present remains constant. The conditions are favourable 
for the forward as well as for a reverse reaction to occur to a measurable extent. This tvpe of 
reaction is described as a reversible reaction. 


8.1.1 State of Chemical Equilibrium 

If a reversible ieaction is allowed to continue fora considerable long time, 
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without changing the conditions, there is no further change in composition of the reaction 
mixture^ The reaction is said to have attained a state of chemical equilibrium. Once this 
equilibrium has been established, it will last forever if undisturbed. 

To illustrate an example of the attainment of equilibrium, let us consider a 
general reaction in which A reacts with B to produce C and D. 

A (g) + B (g) C (g) + D (g) 

Suppose that all the substances are in gaseous state. 

Let the initial concentrations of A and K be 
equal . As Lime goes on, concentrations of A and B 
decrease, at first quite rapidly but later slowly. 

Eventually the concentrations of A and B level off and 
become constant. The graph is plotted between Lime 
and concentrations for reactants and products, 

Fig(8.1). The initial concentrations of C- and D are 
zero. As the time passes the products C and D are 
formed. Their concentrations increase rapidly at first 
and then level off. At the time of equilibrium, the 
concentrations become constant. This is how the 

chemical equilibrium is attained and state of equilibrium is reached. 

Now, let us consider the example of a reversible reaction between hydrogen gas and 
iodine vapours to form hydrogen iodide at 425 ,J C. At equilibrium three components will he 
present in definite proportions in the reaction mixture. Fig (8.2). The equilibrium 
is established when the rising cin;ve of product HI and the falling curve of 
reactants [H 2 ] and [L] become parallel to timeraxis. 

125' C 

H,(g) +4(g) ; 12 HI (g) 


Y 



Fig (8,1) Reversible reaction and 
state of equilibrium 


The same equilibrium mixture is obtained irrespective whether the reaction starts 
by mixing hydrogen and iodine or hv 
decomposition of hydrogen iodide. The situation 
suggests two possibilities of the state of reaction at 
equilibrium 

(i) All reactions cease at equilibrium so that the 
system becomes stationary 

(ii) The forward and reverse reactions are taking 
place simu ltaneously at exactly the same rate* 

It is now universally accepted that the later 

conditions prevail in a reversible reaction at Fig (8*2) State of dynamic equilibrium 
equilibrium stage of reaction. It is known as the state of 
dynamic equilibrium* 
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8, 1 .2 Law of Mass Action 

A state of dynamic equilibrium helps to determine the composition of reacting 
substances and the products at equilibrium. We use the relationship which was derived by 
L,M. Goldberg and E Waage in 1864. It is known as the law of mass action. It states that the 
rate at which the reaction proceeds is directly proportional to the product of the active 
masses of the reactants. 

1 he term active mass represents the concentration in mole dm' 3 of the reactants and 
products for a dilute solution. 

Now, consider a general reaction in which A and B are the reactants and C and D arc 
the products. The reaction is represented by the following chemical equation. 

A + B i N C + D 

K 

Tiie equilibrium concentrations of A, B, C and D are represented in square brackets 
ike [A j, [B], [C] and [D1 respectively and they are expressed in moles dnT. According to the 
law ot mass.action, the rate of the forward reaction, is proportional to the product of molar 
concentrations of Aand B. .... 

Rate of for ward reaction (R f ) or [A][B1 
^ee' 0 ° or E, - k,LA] [B] 

k, is the pi oportionality constant and is called rate constant for forward reaction and R. is the 
rate of forward reaction. Similarly, the rate of reverse reaction (Rj is given by 
Rate of reverse reaction (R r ) x [Cj [D] 

K = KIC] [D] 

Where k is the proportional ity constant and is called the rate constant for backward reaction. 
Remember that C and D are the reactants for backward step. 

At equilibrium, 

R f 

or MA] IB] =MC][D] 

On rearranging, we get , 

K f = L^J L-LJ I 

K [A] [B] 






Lel )Q 


SA © 6 

So, 


oVS 


= K. 
k. 


K, - [C][D] 
[A] [B| 



to 0 


o^ s 


9^ 


rhe constant K t is called the equilibrium constant of the reaction. K. is the ratio of 
two rate constants. Conventionally, while writing equilibrium constant, the products are 
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written as mim 







ctants as denominator. 


For a more general reaction 


K - [products] or ^ _ rate constant for forward step 
[reactants] c ' rate constant for reverse step 


&o° 


¥!5 


$ 


aA + bB 


cC 4" dD 


Where a, b, c and d are the coefficients of balanced chemical equation. They are number of 
moles of A, B, C and D, respectively in the balanced equation. 

The equilibrium constant is given by 

K _[Cf [D] d 

LA]W 

Hence, the coefficients in the equation appear as exponents of the terms of 
concentrations in the equilibrium constant expression. 



Units of Equilibrium Constants 

Equilibrium constant is the ratio of the products of the concentrations of the 
products to the product of concentrations of the reactants. If the reaction has equal number 
of moles on the reactant and product sides, then equilibrium constant has no units. When the 
number of moles is unequal then it has units related to the concentration or pressure. But it 
is a usual practice that we don't write the units with K ;i or K, values. 

Following are some important reversible reactions. Them units of K are expressed as 
(i) CH 3 COOH (aq) + C 2 H s OH ( aq) — CIFTOOGR (aq) +110(0 


K. -- 


[CH 3 COOC 3 HJ[H,0] [moles dm Umoles dm 1 
-- - ' 5 — — - : — ri -no units 


(ii) 


[CH a C00H][C 3 H,0HJ [moles dm -3 ] [moles dm‘ ! ] 
N, (g) + 3H, (g) 2NH, (g) 

[NH-,]~ [moles dm' 1 ] 


K = 


mm 3 


[moles dm' 1 ] [moles dm 


= moles ' dm" 


In the expression of K,, we have ignored the physical states for the sake of convenience. 

Example 1 : The following reaction was allowed to reach the state of equ ilibrium. 

2A (aq) + B(aq) - C(aq) 




$ 


4/1 + o (aq,J ^ — 

The initial amounts of the reactants present ir 
A and 0.60 mole of B. At equilibrium, the amounts were 


r i in one dm of solution were 0.50 mole of 

A and 0.60 mole of B. At equilibrium, the amounts were 0.20 moles of A and 0.45 mole of B and 
^0.15 mole of C. Calculate the equilibrium constant K,,. 



2A (aq) + B (aq) 
Initial concentrations 0.50 mol 0.60 mol 
Equilibrium concentrations 0.20 mol 0.45 mol 


C (aq) 
0.00 mol 
0.15 mol 


Since K c = [A ] ' [B ] 

Putting values of concentrations, which are present at equilibrium stage 


So, 


(0.15) 

(0.20)x(0.2Q)x(0.45) 

1 - J_ 

0.12 


K, = 

= 0.20x0.2x3 


Answer 


p.B 







The units have been ignored for the sake of convenience. 

8.1.3 Equilibrium Constant Expressions for Some Important Reactions 
i. Formation of Ester from an Organic Acid and Alcohol (aqueous phase reaction) 
This is a well known reversible reaction in the solution state. 

H,0 + 

CH.COOH (aq) + CH.CR.OK (aq) ^ CHXOOCJL(aq) + H,0 (/) 

acid alcohol ester water 


Let us suppose that 'a' moles of CILCOOH and 'b' moles of CROH are initially taken in a 
vessel in the presence of small amount of a mineral acid as a catalyst. 

The progress of the reaction can be studied by finding out the concentrations of 
acetic acid after regular intervals. A very small portion of the reaction mixture is withdrawn 
and the concentration of acetic acid is determined by titrating it against a standard solution of 
sodium hydroxide. The concentration of acetic acid wall decrease until the attainment of 
state of equi 1 ibrium, when it will become constant. At cqu ilibrium stage, x moles of ester and 
’x 1 moles of HX) are produced. The number of moles of acid and alcohol left behind are 'a-x' 
moles and 'b-x' moles respectively. If the volume of reaction mixture at equilibrium stage is 
'V dm) then 

CHjCOOH (aq) + CROH (aq) CH 3 COOC 2 H s (aq) + H,0 ((’) 

'a' moles h' moles f==* 'O’ moles 'O' moles t = 0sec 

(a-x) moles (b-x) moles Y moles Y moles t= t 

When number of moles are divided by total volume of the reaction mixture, we get 
concentration of each species at equilibrium stage in moles dm' 3 . 


Chemical Eq u ilibri u. m 


219 




| H moles dm '- mules dm ’ , — ! moles dm 1 ’ -Tj moles dm 


Since 


K c = 


[CH,C00CH n ||H,0] 


|CH 3 COOH][C 2 H 5 OH] 

Brackets [ ] denote the concentrations in moles dm 
Putting concentrations at equilibrium 


V 


x 

V 


K c - (a-x) (b-x) 

V ‘ V 

Simplifying the right hand side, we get 

K _ ^ 

(a-x)(b-x) 

In ibis expression of K r , the factor of volume is cancelled out. So, the change of 
volume at cqu i i ibriiun stage does not affect the K, value or equilibrium position of reaction. 

ii. Dissociation of PC 1 3 (gaseous phase reaction) 

The dissociation of PCl 5 into PCI, and Cl,, is a well known homogeneous gaseous 
phase reaction. This reaction has unequal number of moles of reactants and products 
PQ, (g) \ PQ,(g) + CL, (g) 

Let 'a' moles of PCI present initially are decomposed by Y moles. So, at equilibrium 
stage, ’a-x' moles of PCI, are left behind while Y moles of PCI, and Y moles of CL, are 
produced. If the volume of equilibrium mixture is 'V' dm', then 
PCl 5 (g) s ' PCI ; ,(g) + Cl, (g) 

'a' moles 'O’moles 'O’ moles t-Osec 

(a-x) moles 'x' moles Y' moles t-t 

, L eq 

Dividing the number of moles by total volume of reactants and products at 
equilibrium. 


a-x 

V 


( moles dm" 


* f-ri 


1 V J 


moles dm' + 


Since 


: 

ting tl 




K< : - 


[Pcytcg 

[Pcy 




moles dm 


Putting the concentrations at equilibrium 

x x 


K c = 


V 






a-x 


Simplifying the right hand side, 
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Kc =. 


X* 
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V(a ' x) 

The final expression is not independent of the factor of volume. So. the change of 
volume at equilibrium stage disturbs the equilibrium position of the reaction. We will discuss 
this reaction in Le-Chatelier's principle with reference to effect of volume change and its 
effect on change of equilibrium position. 


«I4 

111* 


volume. 


Decomposition of NA (gaseous phase reaction) 

Similarly, for decomposition of N,0 4 (g), the expression of K, involves the factor of 


NA(g) 


2N0 (g) 


K, = - 


4x a 


(a-x)V 

'a' is the initial number of moles of N 2 0 4 , 'x' is number of moles of N 2 0. decomposed 
and 'V 1 is total volume ofN,0, and NO, at equilibrium stage. 


iv. Synthesis of NH, ( gaseous phase reaction) 

For the synthesis of ammonia, 

N s (g) + 3H,(g) r 2NII 3 (g) 

the expression of K f is 




Kf = 


4x" V 3 




e'o 0 


o' 




(a-xXb-Hx) 3 

Where ’a’ and b f are the initial number of moles of N, and H, and r x' is number of moles 
of N,, decomposed at equilibrium stage. ’V’ is the total volume of N 2 , H., and NH.. at 
equilibrium. The final expression involves V 2 in the numerator: 

Hence, it depends upon the coefficients of balance equation that whether the factor 
of vol ume will appear in numerator or denomenator. 

8,1,4 Relationship Between Equilibrium Constants 

(lie expressions of equilibi ium constants depend upon the concentration units 
used. Mostly the concentrations are expressed in mole dm' 3 . Let us consider the following 
reversible reaction. 

aA + bB ^ cC + dD 

^• v 


e e 




[crtpr 

[A]"[B] b 


or K f . - 


C c c C D 

c;c B 


•x©® 


,VaO' 


The square brackets represent the concentration of species in moles dm 1 . Anyhow, the 
capital C is also used for molar concentrations. 

If the i eactanis A, B, and the products C, D of the reaction under consideration are 
ideal gases, then molar concentration of each gas is proportional to its partial pressure . 
When the concentrations are expressed in terms of partial pressures, the expression of K r is, 
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Here p A , p IS , p L: and p D are partial pressures of A, B, C, D respectively at equilibrium 
position. As long as the number of moles of products and reactants, which are in the gaseous 
state, are equal, the values of K. and K,, remain the same. Otherwise, the following 
telationship between K.,and K u , can be derived by using Dalton's law of partial pressures. 

Kj, - K(RT)“ 

Where 'An 1 is the difference between number of moles of the gaseous products and 
the number of moles of gaseous reactants. 

An — no of moles of products - no of moles of reactants 

R is the general gas constant and T' is absolute temperature at which the reaction is 
being carried out 

Where, An = 0, then all the equilibrium constants have the same values. 

Example 2 : N 2 (g) and H, (g) combine to give NH :i (g). The value of K, in this reaction at 
500 'C is 6.0 x Hr. Calculate the value of IT, for this reaction, ooYS* 




The reaction for the synthesis of NI I :i is 
N 2 (g) + 3 H , (g) ^ '■ 2NH, (g) 

This reaction takes place with decrease in the number of moles. The relationship of 
K^andK^ is 

K fi = K. (RT) An 
Now K c = 6.0x10 2 

Temperature = 500 + 2 73 - 773 K 
An - no of moles of products - no of moles of reactants 
^ An = 2-4--2 

R = 0.0821 dm 3 atm K 1 mol 1 
Substituting these values in the expression 


K = 6.0 X 10 2 (773 x 0.0821 f - 6.0 x 10 ' (63. 5)’* 



too 


e.oxio 2 

K p = 


,oVS 


(63.5)“ 


> 10 °° 





K,, - jl.5x 107 Answer 

In this case the value of Kp is smallerthanK, . Those reactions, which take place with 
the increase in the number of moles mostly have greater K r than I\ . 

8.1.5 APPLICATIONS OF EQUILIBRIUM CONSTANT 

1 lie value of equilibrium constant is specific and remains constant at a particular 
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temp era Lure. The study of equilibrium constant provides us the following informations: 

(i) Direction of reaction (ii) Extent of reaction 

(iii) Effect of various factors on equilibrium constant and equilibrium position. 




(i) Direction of Reaction 


We know that, K, — 


[Products I 
[Reactants] 


for any reaction. 


(b) 

(c) 


I he direction of a chemical reaction at any particular time can be predicted by means 
of [products] / [reactants] ratio, calculated before the reaction attains equilibrium. The value 
of [product] / Lreactants] ratio leads to one of the following three possibilities. 

(a) 1 he ratio is less than K ; . This implies that more of the product is required to attain 

the equilibrium, therefore, the reaction will proceed in the forward direction. 

The ratio is greater than K r . It means that the reverse reaction will occur to attain the 
equilibrium. 

When the ratio is equal to K r , then the reaction is at equilibrium. i c>A 

Example 3: Esterification reaction between ethanol and acetic acid was carried out by 
mixing definite amounts of ethanol and acetic acid along with some mineral acid as a catalyst. 
Samples were drawn out of the reaction mixture to check the progress of the esterification 
reaction. In one of the samples drawn after time t. the concentrations of the species were 
found to be [CHjCOOH] - 0.025 mol dm", [C H OII|- 0.032 mol dm", |CH.COOC II j - 
0.05 mol dm J , and [H ,0] — 0.04 mol dm". Find out the direction of the reaction if K t , for the 
reaction at 25°C is 4. 

Solution: 

Esterification reaction is represented by the following stoichiometric equation. 

H + 

CHjCOOH + C, I I 5 OH ' ' CHjCOOC, H, + H,0 

All the substance^ are present in the same volume of solution, therefore K, is given by 

[CRC00CH 3 ][IL0] 
c [CH a COOH]r CjH 5 0H] 

1 he various values of concentrations, at Lime t are substituted to get the ratio 




K = 


0.05x0.04 

0.025x0.032 


2.50 Answer 




to 0 


l 0 vs - 9 


}A 


The given value of K, for this reaction is 4 and 2.0 is less than K . Therefore, the reaction will 
proceed in the forward direction to attain the equilibrium. 

(ii) Extent of Reaction 

(a) ft the equilibrium constant is very large, this indicates that the reaction is 
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almost complete. 

(b) If the value of K. is small, it reflects that the reaction does not proceed appreciably in 
the forward direction. 

(c) If the value of Kps very small, this shows a very little forward reaction. 

Examples: 

Equilibrium constant for the decomposition of ozone to oxygen is 10 ss at 25 U C. 

i.e., 20, x 30,, ly - 10 55 at 25°C 

It infers that at room temperature O s is unstable and decomposes very rapidly to 0„. 
This reaction is almost complete. 

On the other hand the value of equilibrium constant for the decomposition of HF at 
2000°C is 10" 

2 HF (g) v " II, (g) + F, (g) K = 10' 13 at 2000°C 
It indicates high stability and slow decomposition of HF even at 2000°C, 

(iii) The Effect of Conditions on the Position of Equilibrium 

Equilibrium constant and position of equilibrium are two different entities. K, is 
equilibrium constant and has constant value at a particular temperature whereas the ratio of 
products to reactants in equilibrium mixture is described as the position of equilibrium and it 
can change if the external conditions e.g. temperature, pressure and concentrations are 
altered. If K, is large the position of equilibrium lies on the right and if it is small, the position 
of the equilibrium lies on the left, for a reversible reaction. 

Chemists are interested in finding the best conditions to obtain maximum yield of 
the products in reversible reaction, by favourably shifting the position of equilibrium of a 
reaction. For this purpose, we have to discuss an important principle in this respect i.e.Le- 
Chatelier's principle. 


8.1.6 The Le-Chatelier's Principle 

Le-Chatelier studied the effects of concentration, pressure and temperature on 
equilibria. 


This principle states that if a stress is applied to a system at equilibrium, the system 
acts in such a way so as to nullify, as far as possible, the effect of that stress. 

The system cannot completely cancel the effect of change, but will minimize it. The 
Le-Chatelier s principle has wide range of applications for ascertaining the position and 
composition of the physical and chemical equilibria. 

(a) Effect of Change in Concentration 

In order to understand the effect of change in concentration on the reversible 


* 


reaction, consider the reaction in which BiCl, reacts with water to give a white insoluble 
compound RiOCL 
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BiCLj + H 2 0^=^Bi0CI + 2HC1 

The equilibrium constant expression for above reaction can be written as 
y _ [BiOCl][HCir 
c [Bicbirao] 

Aqueous solution of Hid., is cloudy, because of hydrolysis and formation of BiOCl. If a 
small amount of HC1 is added to this solution, it will disturb the equilibrium and force the 
system to move in such a way so that effect of addition of HC1 is minimized. The reaction will 
move in the backward direction to restore the equilibrium again and a clear solution will be 
obtained. However, if water is added to the above solution the system will move in the forward 
direction and the solution will again become cloudy. The shifting of reaction to forward and 
backward direction by disturbing the concentration is just according to Le-Chatelier's 
principle. 

So, in geneial, we conclude that addition of a substance among the reactants, or the 
removal of a substance among, the products at equilibrium stage disturbs the equilibrium 
position and reaction is shifted to forward direction. Similarly, the addition of a substance 
among the products or the removal of a substance among the reactants will derive the 
equilibrium towards the hack ward direction. Removing one of the products formed can 
theiefore increase the yield of a reversible reaction. The value of K c however remains 
constant. This concept is extensively applied in common ion effect and follows the Le- 
Chatelicr's principle. 

(b) Effect of Change in Pressure or Volume 

The change in pressure or volume are important only for the reversible gaseous 
reactions where the number of moles of reactants and products are not equal. Le-Chatelier's 
principle plays an important role, to predict the position and direction of the reaction. Take 
the example of formation of S0 3 gas from SO, gas and 0, gas. 

2S0, (g) + CL (gas) ^=)2SO s (g) 

This gas phase reaction proceeds with the decrease in the number of moles and 
hence decreases in volume at equilibrium stage. When the reaction approaches the 
equilibrium stage, u*c volume of the equilibrium mixture is less than the volume of reactants 
taken initially. If one decreases the volume further at equilibrium stage, the reaction is 
disturbed. It will move to the forward direction to minimize the effect of disturbance. It 
establishes a new equilibrium position while K c remains constant. The reverse happens 
when the volume is increased or pressure is decreased at equilibrium stage. 


(c) Quantitative Effect of Volume on Equilibrium Position 

The quantitative effect of change of volume or pressure can be inferred from the 
mathematical expression ofK, for SO, (g) synthesis. 

2S0, (g) + 0 2 (g) s ==A2S0,(gj 
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(a-2x) 2 (b-x) 


Where 'V' is the volume of reaction mixture at equilibrium stage, a' and b' are the 
n umbei of moles of SO; and 0 , present initially and 'x 1 are the number of moles of oxygen 
which has reacted at equilibrium. According to the above equation, when volume is 
increased, then ’x’ has to be decreased to keep K c constant. The decrease of x means that 
reaction is pushed to the backward direction. From the amount of the increase in volume, we 
can calculate the amount of x which has to be decreased to keep K constant. 

Similarly, increasing the pressure on the above reaction at equilibrium, will decrease 
the volume and hence the value of K c will increase. In order to keep the value of K, constant 
, the reaction will move in the forward direction. 

In the same way, we can explain the effect of change of pressure on the equilibrium 
positions toi the dissociation of PCI- and NX), reactions. These reactions are homogenous 
gaseous phase reactions. 

PClc dissolves to give PCI, and Cl. 

PCl 5 (g) PCl :) (g) + CUg) 

K c for this reaction is as follows: 


The dissociation of NX) ( gives NO , gas 

NA(g)^ 2N0, (g) 

The K, for this reaction is as follows 

4x 2 

Kc= V (a-x) 

Both these reactions have the factor of volume present in the denominator. The 
reason is that numbers of moles of products are greater than those of reactants. So, increase 
in pressure will decrease x to keep the value of K c constant and the reaction will be pushed to 
the backward direction. The equilibrium position is disturbed but not the K ; value. 

Remember that, those gaseous reactions in which number of moles of reactants and 
products are same, are not affected by change in pressure or volume. Same is the case for 
reactions in which the participating substances are either liquids or solids. 

l d) oCEffec t of Change in Temperature 

Most of the reversible chemical reactions are disturbed by change in temperature. If 
we consider heat as a component of equilibrium system, a rise in temperature adds heat to 
the system and a drop in temperature removes heat from the system. According to Le- 
Chatelicr's principle, therefore, a temperature increase favours the endothermic reactions 
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and a temperature decrease favours the exothermic reactions. 

The equilibrium constant changes by the change of temperature, because the 
equilibrium position shifts without any substance being added or removed. Consider the 
following exothermic reaction in gas phase at equilibrium taking place at a known 
temperature. 

CO (g) + H a O fg) CO, (g) + H, (g) AH = -41.84 kj mole 1 

At equilibrium stage, if we Lake out heat and keep the system at this new lower 
temperature, the system will readjust itself, so as to compensate the loss of heat energy. 
Thus, more of CO and H,0 molecules will react, to form CO, and R, molecules, thereby, 
liberating heat because reaction is exothermic in the forward direction. It means by 
decreasing temperature, we shift the initial equilibrium position to the right until a new 
equilibrium position is established. On the contrary, heating the reaction at equilibrium will 
shift the reaction to the backward direction because the backward reaction is endothermic. 

An interesting feature of Le-Chatelier's principle is the effect of temperature on the 
solubility. Consider a salr such as KI. It dissolves in water and absorbs heat. 

K!(s) KI(aq) AH -21.4kJmoie' 1 

Let us have a saturated solution of Klin water at a given temperature. It has attained 
equilibrium at this temperature. A rise in temperature at equilibrium favours more 
dissolution of the salt. Equilibrium is shifted Lu the forward direction. On the other hand, 
cooling will favour crystallization of salt. Hence the solubility of KI in water must increase 
with increase in temperature. 

Lor some salts the heat of solution is close to zero {heat is neither evolved or 
absorbed). The solubility of these salts in water is not affected by the change in temperature. 
Formation of aqueous solution of NaCl is an example of such a salt. 

Those substances, whose heats of solutions are negative (exothermic), decrease 
their solubilities by increasing temperature , as LiCl and Li,,CO s , etc. 

(e) Effect of Catalyst on Equilibrium Constant 

In most of the reversible reactions the equilibrium is not always reached within a 
suitable short time. So, an appropriate catalyst is added. A catalyst does not affect the 
equilibrium position of the reaction. It increases the rates of both forward and backward 
reactions and this reduces the time to attain the slate of equilibrium. 

Actually, a catalyst lowers the energy of activation of both forward and reverse steps 
by giving new path to the reaction. 

8.2 APPLICATIONS OF CHEMICAL EQUILIBRIUM^# 

- 00M5USTRY ' ,00V 

Concept of chemical equilibrium is widely applicable for preparation of certain 
materials on industrial scale. Let us discuss the manufacture of NH, and SO, gases on 
industrial scale. 
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The process of ammonia synthesis was developed by German chemist E Haber and 
first used in 1933. This process provides an excellent setting in which to apply equilibrium 
principle and see the compromises needed to make an industrial process economically 
worthwhile. The chemical equation is as follows. 


N,(g) + 3H,(g) ; ^ 2NH,(g) AH - -92.46 kj 

When we look at the balanced chemical equation it is inferred, from 
Le-Chatelier's principle that one can have three ways to maximize the yield of ammonia. 

(i) By continual withdrawl of ammonia after intervals, the equilibrium will shift to 
forward direction in accordance with Le-Chatelier’s principle. To understand it look 
at the effect of change of concentration in Le-Chatelier's principle. 

(ii) Increase the pressure to decrease the volume of the reaction vessel. Four 


(iii) 


moles of the reactants combine to give two moles of the products. High 
pressure will shift the equilibrium position to right to give more and more ammonia. 
Decreasing the temperature will shift it to the forward direction according to Le- 
Chatelier's principle. 

So high pressure, low temperature and continual removal of ammonia will give the 
maximum yield of ammonia. Table (8.2) shows the effect of the rise in temperature 


Table (8.2) Effect of temperature on 
K c for ammonia synthesis 


TOO 

K, 

200 

7.17 x 10‘ 5 

300 

2.69 x lO* 

400 

3.94 x 10' 

500 

1.72 x 10' 

600 

4.53 x 10" 

700 

2.96 x Iff 1 

800 

3.96 x 10' 


on the value of K c and the Fig. (8.3) shows the 
optimum conditions to get maximum yield of 
ammonia. Fig (8.3) shows .percent yield of 
ammonia vs, temperature (°C) at five different 
operating pressures. At very high pressure and 
low temperature (top left), the yield of NH :t is 
high but the rate of formation is low. Industrial 
conditions denoted by circle are between 200 
and 300 atmospheres at about 400°C. 

No doubt, the yield of NH 3 is 
favoured at low temperature, but the rate of 
its formation does not remain favourable. 

The rate becomes so slow and the process is 
rendered uneconomical. One needs a 
compromise to optimize the yield and the 
rate. The temperature is raised to a 
moderate level and a catalyst is employed to 
increase the rate. If one wants to achieve the 
same rate without a catalyst, then it requires 
much higher temperature, which lowers the 
yield. Hence the optimum conditions are the 
pressure of 200-300 atm and temperature Fig (8.3). Graphical representation of temperature 
around 673 K (400°C). The catalyst is the and pressure for NH ( synthesis. 


IQOOatm 



Industrial 

conditions 


450 500 550 600 650 700 

Temperature (°C) 
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pieces of iron crystals embedded in a fused mixture ofMgO, AI.,0 , and SiO,. 

The equilibrium mixture has 35% by volume of ammonia. The mixture is cooled by 
refrigeration coils until ammonia condenses (R.P = -33.4"C) and is removed. Since.boiling 
points of nitrogen and hydrogen are very low, they remain in the gaseous state and are 
recycled by pumps back into the reaction chamber. 

Nearly 13% of all nitrogen fixation on earth is accomplished industrially through 
Haber’s process. This process synthesizes approximately 110 million tons of ammonia in the 
world. About 80% of this is used for the production of fertilizers and some is used in 
manufacture of explosives or the production of nylon and other polymers. 


8.2.2 Preparation of Sulph ur Trioxide 

In the contact process for manufacture of H,SO,„ the conversion of SO to SO, is 
achieved in a reversible reaction. 

2SO ; ,(g) + 0,(g) , ^ 2S0, (g) AH- -194kJ/moI 

The temperature and pressure are the most essential factors for controlling the rate 
oi this reaction. The principles involved here are the same as those discussed previously for 
Haber's process. At low temperature, the equilibrium constant for formation of SO is large 
but equilibrium is reached very slowly. As the temperature is raised the rate increases but 
the yield of SO, drops off according to Le-Chatclier's principle. High pressure tends to 
increase yield of SO,. Howevei, instead of using high pressure, the concentration of 0, (air) 
is increased to incr ease the yield of S0 3 . Table (8.3) helps to understand the effect of different 
conditions on the yield ofS0 3 . During the process pressure is kept at one atmosphere. 

To have the best possible yield of SO, within a Tlll)le (8 3) Effect of temperature 
reasonable time, a mixture of SO, and 0. (air) at 1 atm on the yield of SO 

pressure is passed over a solid catalyst at 650 "C. The 
equilibrium mixture is then recycled at lower 
temperature, 400 to 500"C, to increase the yield of SO,. 

The most effective catalysts are V,(X and finely divided 
platinum. SO, is dissolved in H :i S0 4 to get oleum, which is 
diluted to getH,SO r 

H 2 SO, is the king of chemicals. A country’s 
industrial progress is measured by the amount of H .SO , 
manufactured each year. 


Temp. 

"C 

K t 

Mole% 
of SO., 

200 

5500 

98 

300 

690 

91 

400 

160 

75 

500 

55 

61 

600 

25 

46 

700 

13 

31 


8.3.0 IONIC PRODUCT OF WATER 

Pure water is a very poor conductor of electricity but its conductance is measurable. 
W atei undci goes self ionization as follows and the reaction is reversible* 

H 2 0 + H,0 r ^ H,0‘ + OH 
or 1L0 ~ * W + OH’ 

The equilibrium constant for this reaction can be written as follows. 
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K _[H-][0H1 ~r 

^ qj — - 1.8 x 10 moles dm 

The concentration of H,0 i.e. flTOJ in pure water maybe calculated to belOOOgdm \ 
divided by 18g mol 1 , giving 59.5 moles dm 

Since, water is present in very large excess and very few' of its molecules undergo 
ionization, so its concentration remains effectively constant. Constant concentration of 
water is taken on L.H.5. and multiplied with K, to get another constant called K , 

1.8x10 16 x 55.5 - 1.01x10 11 - [H + ][OJT] 

This 1.01 x 10 14 is called K„ of water of 25°C 
K [H 2 Q] = [H + ][OH ] 

s °. K„ =[H + ][0H] = 10" I4 at25 u C. 

K. is called ionic product of water or dissociation constant of water. The value of K, 
increases almost 75 times when temperature is increased from 0°C to 100°C. Anyhow, the 
increase in K , is not regular. The effect of temperature on K, is shown in Table (8.4). 

Whenever some quantity of acid or base is added in Table (8.4) K„ at various 
water, then K v , remains the same, but [H ] and [OH] are no temperatures, 
more equal. Anyhow, in neutral water 

[HI - [OH] 

or [H1[H-j-10 14 

[H + ] 2 - 10 14 
|H J = 10 moles dm J 

and [OH ] - 10" moles din 3 

1 his means that out of 55.5 moles of pure water in one dm 1 of it, only 10" moles of it 
have dissociated into ions. This shows that water is a very weak electrolyte. At 40 l C the 
[H ] = [Oil] but the values are more than 10 moles dm J and pure water is again neutral at 
40°c. Similarly pure water is neutral at 100°C, [HI and [OH | are greater than those at40°C. 

In case oi addition of small amount of an acid 

[IT]> [OH J 

While in the case of addition of few drops of a base 

[OH]>[H] 

During both of these additions, the value of K, w r ill remain the same i.e. 10“ at 25 ‘C. 

pHandpOH - 0' v \ r 

Actually, in all the aqueous solutions, the concentration of H* and OH' are too low to 
be conveniently expressed and used in calculations. In 1909, Sorenson, a Danish biochemist 
introduced the term pH and pOII. So, the scales of pH and pQH have been developed. pH 
f 1,1 are abbreviations of negative log of hydrogen ion concentration and negative log of 
hydroxyl ion concentration, respectively. 

pH - -log[H 4 ] 


Temp, 

ro 

K„ 

0 

0.11x10“ 

10 

0.30 x 10 lJ 

25 

1.0x10“ 

40 

3.00 x 10 :j 

100 

7.5 x 10" 4 


and 
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For neutral water, 


when 


pH - -log 10' ; = 7 
pOH = -log lO’ 7 = 7 

pH = 7, ► solution is neutral 

pH < 7, ► solution is acidic 

pH > 7, ► solution is basic 




too 




If we take the negative log of K^, then it is called pK*. 

pK. = -logK. 

= -logl0' 14 

pK u - 14 log 10 Since (log 10-1) 

pK„ = 14x1 = 14(at25°C) 

The value of pK„ is less than 14 at higher temperatures i.e. at 40‘ , Candl00" C. 
The value of pH normally varies between 0 ► 14 at 25°C. Solutions 

of negative pH and having values more than 14 are also known. Table (8.5; shows the 
relationship among [H + ],[OH], pH and pOH of various solutions. -,c.e'o° 

Table (8.5) Relationship of fH 3 0 + l, [OH ], pH and pOH 


A 




! 


u 

'~3 

'8 

I 





[H a O + ] 

pH 

[OH J 

P OH 

Basic 

1x10“ 

14.0 

1x10 

0.0 


1x10 u 

13.0 

lx 10'* 

1.0 


1x10 K 

12.0 

lxlO 2 

2.0 


1x10” 

11.0 

lxl0 J 

3.0 


1 xlO ,n 

10.0 

1 xlO 1 

4.0 


1 xlO 9 

9.0 

1 x 10 s 

5.0 


1x10"* 

8.0 

lxlO 44 

6.0 

Neutral 

1x10' 

7.0 

1 xlO 1 

7.0 


1x10" 

6.0 

1x10" 

8.0 


1 xlO' 5 

5.0 

1 xlO’ 9 

9.0 


IxlO 4 

4.0 

1x10 10 

10.0 


1x10" 

3.0 

1X10” 

11.0 

Acidic 

1x10 2 
lxlO 1 

2.0 

1.0 

lxlO 12 
1x10 13 

12.0 

13.0 

I xlO " 

0.0 

lxlG' 14 

14.0 


The pH values of some familiar aqueous solutions are shown inTable (8.6), 
This table can help you to understand the acidic or basic nature of commonly used 
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solutions." ^E> *9 

Table (8.6) Approximate pH and pOH of some common materials at 25°C 

~ - 


Material 

pH 

pOH 

Material 

pH 

pOH 

1.0MHC1 

0.1 

13.9 

bread 

5.5 

8.5 

0.1 MIICl 

1.1 

12.9 

potatoes 

5.8 

8.2 

0.1 M CHjCOOH 

2.0 

11.10 

rainwater 

6.2 

7.8 

gastric juice 

2.0 

12.00 

milk 

6.5 

7.5 

lemons 

2.3 

11.7 

saliva 

6.5-6.0 

7.5-7. 1 

vinegar 

2.8 

11.2 

pure water 

7.0 

7.00 

soft drinks 

3.0 

11.00 

eggs 

7.8 

6.2 

apples 

3.1 

10.9 

O.lMNaHCO, 

8.4 

5.6 

grapefruit 

3,1 

10.9 

seawater 

8.5 

5.5 

oranges 

3.5 

10.5 

milk of magnesia 

10.5 

3.5 

tomatoes 

4.2 

9.8 

0.1MNH, 

11.1 

2.9 

cherries 

3.6 

10.4 

0.05 M NaXO, 

11.6 

2.4 

bananas 

4.6 

9.4 

G.lMNaOH 

13.0 

1.00 
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8.4.0 lONIZ^^JV'CONSTANTS OF ACIDS (KJ 

Acids and bases when dissolved in water may or may not be completely dissociated. 
Many acids are weak electrolytes and they ionize to an extent which is much less than 100%. 
The value of K ;j called the dissociation constant of acid, is the quantitative measure of the 
strength of the acid. Suppose we have an acid HA dissolved in water, in a reversible manner 

HA + HO ; — s H a O + + A 

K c for the reversible reaction will be written as follows. 




K = 


[H,0 ][A] 
[HA] I HO] 


At the equilibrium stage, the concentration of water is almost the same as at the 
initial stages because it has been taken in large excess. A reasonable approximation, 
therefore, is to take the concentration of water to be effectively constant and take it on the 
left-hand side with K.. rxT A+ir. -i 

K, [H,0] ~ [H '° 1[A1 


[HA] 


Tt 


Let 

K, is another constant 
Hence 


K [H 2 0] - K 


K. - 


:h o~iia j 

[HA] 


y\ 


e® 


too 


,oV- s 


& 


I his equation can be used to calculate K, for any acid solution if we know the pH or 
[II ] of that solution and the initial concentration of acid [HA] dissolved. This can also be 
used to calculate the equilibrium concentration of H 3 0’ and A produced if we know the 
initial concentration of acid HA and its K a value. 
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When K, < 10 1 acid is weak 

K a = 1 tn 1 0 acid is moderately strong 

K, > 1 acid is strong 

The values of K.. for some acids are given in the Table (8.7) 


Table (8.7) Dissociation constants of some acids at 2o c C and their relative strength 


Acid 

Dissociation 

K, 

Relative strength 

HCl 

HCl 

H'+cr 

very large (l() + ‘) 

Very strong 

hng s 

IINO., 

f=* H* + no; 

very large (10 ,s ) 

Very strong 

h 2 so, 

H,SO. 

H T + HSO; 

Large (10 +i ) 

Very strong 

HSO, 

HSO i 

<=* 11 +so; 

1.3x10" 

Strong 

HF 

HF 

II + F 

6.7 x in 

Weak 

CH3COOH 

Cl I, COOH ^ +CH.COO 

1,85 x 10 s 

Weak 

H.COj 

h,co 3 

F^ H" +HCO 

4.4xin 

Weak 

ITS 

H,S 

H~ + FIS' 

1.0 x 1U 

Weak 

NH/ 

NH, 

F = H + NH, 

5.7x10 10 

Weak 

hco; 

hco; 

F^ H + + CO/ 

4.7x 10 n 

Weak 

H,0 J 

h 2 o " 

IT + OH 

1.8x10 19 

Very Weak 


Percentage of Ionization of Acids 


We can calculate the percentage ionization of weak acid and the formula is as follows: 


% ionization -- 


Amount of acid ionized 


x 100 


Amount of acid initially available 

The percentage ionization of weak acids depend upon the extent of dilution of their 
aqueous solutions. Table (8.8) shows the change in percentage ionization of 
acetic acid at different concentrations. Lesser the molarity diluted the solution, greater the 
chances for electrolyte to be dissociated. When 0.1 mole of CH 3 COOH is dissolved in 
1000cm' of solution, then 1.33 molecules are dissociated out of 100, and 13.3 out of 1000. 
When the 0.001 moles are dispersed per din of solution then 12.6 molecules of CH, COOH 
get dissociated out of 1 00 ■, Remember that K ;1 remains the same at all dilutions at a 
constant temperature. 


Table (8.8) Percentage ionization and ionization constants of acetic acid at 25 n C 


Molarity 

% Ionized 

LH :i O + ] 

O 

ta 

0 

0 

0 

1— H 

K, 

0.10000 

1.33 

0.001330 

0.098670 

1.79x10 5 

0.0500 

1.89 

0.000945 

0.049060 

1.82x10 5 

0.0100 

4.17 

0.000417 

0.009583 

1.81 xHL 

0.0050 

5.86 

0.000293 

0.004707 

1.81x10 s 

0.0010 

12.60 

0.000126 

0.000874 

1.72x10'' 


1 >le What is the percentage ionization of acetic acid in a solution in which 0.1 





Initial cone. 0.10 moles 0 moles 0 moles L -Osec. 

Change in concentration due to ionization 
(0,1 -x) moles xmoles + xmoles l = equilibrium 

Concentration at equilibrium 

(0.1 -x}=0.10 t — - xmoles + xmoles t - equilibrium 
(0.1 -x) is approximately 0.1, because the value ofxis very small as compared to 0.1. 
The reason is that CII 3 COOII is a much weak electrolyte. 


|CH COO li H j = xnt 
* LCH.COOHJ 0.1 


Pulling the value of K a 




1 . 8 ' 


85x10" =#7 


0.1 


or x 3 = 0.1 x 1.8x 10 5 = 1.8 x 10* 

Taking square root on both sides 



to 0 ' 


oV *' 9 




x — 1.3 x 10" 1 moles 

In other words [H ’ 1 ~ 1 .3 x 10" mole dm' J (amount of acid ionized) 


% ionization — 

concentration oi ionized acid 1 nn 

— x 100 

original concentration 


ionization — 


1.3 x 10 : 'x 100 
0.1 


= EH Answer 


Hence, out of 1000 molecules of acetic acid only 13 are dissociated into ions, when 0.1 
molar solutionis prepared. In other words when 6 g of CHXOOH i.e 0.1 moles is dissolved in 
1 000 cm J of solution only 13 molecules ionize out of energy 1000 CH 3 COOH molecules. 

This is known as Ostwald’s dilution law, that dilution increases the degree of 
dissociations. 


8-5 0 IONIZATION CONSTANT OF BASES 


Unlike, strong bases weak Bronsted bases which are proton acceptors, usually 
consist of molecules or ions. They react with water, remove a proton from it, and generate 
OH ions. Take the examples of NIL, and CO/. 
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NH.(aq) + H,0(C) 
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NH/(aq) + OH Ca^QC^^ ^ 


HCO/(aq) + OH(aq) 




CO/(aq) + H,OW ; * 

and CO; have acted as bases in above reactions. They have different abilities to 
accept protons from water molecules. We compare these abilities of bases by knowing the 
equilibrium constant K t , which is called base ionization constant of a base. Let the base is 
represented by B. Then 


B(aq) + H,0 (() r 

. . [BIDIOHi 

IV — 


BH* (aq) + OH (aq) 


[B] [H 2 OJ 

Since, the concentration of H,0 constant, being in large excess 

So, K t [H,0] - IBH JLOH ] 

[BJ 

Put K,[H,0] =K |J 

Hence 'vO'S' Kl [BH + ][OH] 




>x>° 


,o^ s 


9^ 


[ B] 

value of a base is the quantitative measurement of strength of a base 
Smaller the K, value, weaker the base. Table (8.9) gives the K, values for some bases. 
Table (8.9)K b of some important bases 


Base 

Dissociation 

K h 

Relative 

strength 

NaOH 

KOH 

CafOH), 

NH.,011 

CH a NH, 

(Methyl amine) 

CHNH 

(Aniline) 

NaOHF=^ Na" + OIF ■ 

KOH F=* K 4 OH 
Ca(OH).F^Ca" + + 20H' 

NHjOH Nil, +0H 

LH ML + H O f=* CH XL +0H 

CANIL+aOp^ C d H-NIi; +0H 

Very high 
Very high 
High 
1.81x10 5 
4.38x10-’ 

4.7x10’" 

Very strong 
Very strong 
Strong 
Weak 
Weak 

Very weak 


pK a andpK h Wj,.? 

From the Table (8.7) and (8.9), we conclude that the values of K a and K,, for weak * 
acids and bases are small numbers usually expressed in exponential form. It is convenient to 
convert them into whole numbers by taking their negative log. Thus we obtain pK and f>K 
values of acids and bases. 




pK, = -log K a 
pK„ - -log K„ 
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Larger the pK,, weaker is the acid and vice versa. Similarly, larger the pK b , weaker is 

the base. If the difference of pK, values of the two acids is one, then add with smaller pK a is 

ten times stronger than the other. If the difference is two, then one is hundred times 

stronger than the other. 

8.(1 0 Lowry Bronsted Acid and Base Concept 

According to this concept, acids are those species which donate the proton or have a 
tendency to donate and bases are those species which accept the proton or have a tendency 
to accept the proton. 

Whenever, a weak acid or a weak base is dissolved in water, the conjugate acid base 
pair is produced. There is a close relationship between K 3 of the acid, K h of the conjugate base 
and K* of water. Let us have an acid HA, and it gives protons to water in a reversible manner. 
H,0 + gives proton to A and is an acid, but A'accepts H ' from HAT and act as a conjugate base 
of HA. 

HA + H.0 ^ H a 0' + A" 

base conjugate add conjugate base 










& 

K f = 


[HjO + ][A ] 
[H 3 0][HA] 


or K,= 


of H ; 0 of HA 

[H + ][A'j 


[HAj 




to° 






In case A" is dissolved in water, the equation for hydrolysis of conjugate base A' will be, 

A + H a O^HA + OH' 

base acid acid base 


So, its 


K* 


[HA][OH~J 

m 


Let us multiply two expressions for K, and K„ 


K a xK,= 


[HI [A 1 ] [OHJ[HA] 


[A' 1 ] 


[HA] 

Or x K,, = [H + ][OH] 

Or K,xK,= K 

This equation is useful in the sense that if we know K a of the acid, we can calculate K b 
for the conjugate base and vice versa. The value of K, is a constant at a given temperature 
i-e 10- M a t.25c° 

Let us take the log of above equation 
log (K, x KJ = log (K.) 
or log K, + log K,, = log K*. 

Multiply both sides by ’-V 

-logK, * log K b = -log K w 
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S* nce pK - -log K. and pK b - -log K 

or pK a + pK b - pK. 

Since pK. - 14, at 25"C, lienee pK ;i and pK, of conjugate acid base pair has a very 
simple relation with each other. 

PX + pK b - 14 at 25"C 
This equation proves the following facts. 

(a) Conjugate base of a very weak acid is relatively very strong base. 

(b ) Conjugate acid of a very strong base is relatively very weak acid. ' 


So 


K X K. 


, We can emulate the pK h of CH :i COO , if we know pK, of CH,COOH. Similarly, if we 
know pK h ofNH.„ we can calculate pK, of NH \ 

8.7 COMMON ION EFFECT 

onRidr Tht> su P prcssion of ionization of a weak electrolyte by adding a common ion from 
outside is called common ion effect, 

_ . i Wt ‘ are fanilliar Wlth Purification of sodium chloride by passing hydrogen chloride 

cons r,r gh 3 te f br ; ne - SorilL,in chIoridc is Mly ionized in the solution. Equilibrium 
constant expression tor this process can be written as follows: 

Na Cl (s)y=4Na 1 (aq) + Cl (aq) 


K = 


LN a-][C11 

[NaCl] 


IIC1 also ionizes in solution 

HC1 \ - H (aq) 


Cl (aq) 


On passing HC1 gas, concentration of Cl ions is increased, therefore NaCl 
crystallizes out of the solution to maintain the constant value of the equilibrium constant 

the solution oTm ^ JJ* common lun effect. The addition of a common ion to 
the solution of a less soluble electrolyte suppresses its ionization and the concentration of 

unionized species increases, which may come out as a precipitate. 

Na + (aq) + Cl(aq) NaCl(s) 

More Examples of Common Ion Effect 

® S0l “ b ;'5 of a less 50l “ b te alts KC10, in water is suppressed by the addition of a 

mote soluble salt KCI by common ion effect. K is a common ion. The ionisation of KCIO is 

suppressed and it settles down as precipitate, ' 

KCK), (s) K + (aq) + CIO 3 (aq) 

KC1 KC (aq) + Cl" (aq) 

Similarly, the dissociation of a weak acid H 3 S in water can be suppressed by the 


5 . 9 ^' 


, i. . . “ 2 ° iu ue buppicsseu dv the 

addition of stronger acid HC1. fT is a common ion. I TS becomes less dissociated in acidic 
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solution. In this way low concentration of S' ion is developed. 

H : S *=* 2H (aq) + S 2 (aq) 

Tliis low concentration of S * ions helps to do the precipitation of radicals of second 
group basic radicals during salt analysis. 

HC1 (aq) H (aq) + Cl (aq) 

(m) An addition of NhLCl in NH ,OH solution suppresses the concentration of OH (aq) 
due to the presence of a large excess of NH ‘from NH,C1. Actually, XH Cl is a strong 

electrolyte. The combination of these two substances is used as a group reagent in third 
group basic radicals 

NIIjCl (aq) v ^ Nllt (aq) _|_ q j 
NH 4 0H (aq) r - — NIL (aq) + OH (aq) 

(IV) Common ion effect finds extensive applications in the qualitative analysis and the 
preparation of buffers. 


8.8.0 BUFFER SOLUTIONS 

Those solutions, which resist the change in their pH when a small amount of an acid 
of a base is added to them, are called buffer solutions. They have a specific constant value of 
pH and then pH values do not change on dilution and on keeping for a long time. 

Buffet solutions are mostly prepared by mixing two substances. 

By mixing a weak acid and a salt of it with a strong base. Such solutions give 
acidic buffers with pH less than 7. Mixture of acetic acid and sodium acetate is one of 
the best examples of such a buffer. 

By mixing a weak base and a salt of it with a strong acid. Such solutions will 
give baste buffers with pH more than 7. Mixture ofNH.OH and NII.Cl is one of the 
best examples uf such a basic buffer. 


(a) Why Do We Need Buffer Solution? 

Ujsa common experience that the pH of the human blood is maintained at pH 7.35 if 
it goes to 7.00 or 8.0(1, a person may die. 

Sometimes one wants to study a reaction under conditions that would suffer any 
associated change in the pH of the reaction mixture. So, by suitable choice of the solutes a 
chemist can ensure that a solution will not experience more than a very small change in pH 
even it a small amount of a strong add or a strong base is added. Buffers are important in 
many areas of chemistry and allied sciences like molecular biology, microbiology, cell 
biology, soil sciences, nutrition and the clinical analysis. 

Buffer is not a new concept at this stage of our discussion, it is just the application of 
common ion effect. 


< b) How Do the Buffers Act? 

Let us take the example of ait acidic buffer consisting of CH ,COOH and CHCOONa. 
Common ion effect helps us to understand how the buffer will work. CH.COOH, being a 
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weak electrolyte undergoes very little dissociation. When CRCOONa, which is a strong 
electrolyte, is added to CH a COOH solution, then the dissociation of CH.COOH is 
suppressed, due to common ion effect of CH :s COO“. 




CHjCOOH (aq) + H 2 0 (t) ' CH a COO~(aq) + H,0 + (aq) 

CH 3 COONa (aq) CRCCXT (aq) + Na + (aq) 

If one goes on adding CRCOONa in CH.,COOH solution, then the added 
concentrations of CH 3 COO" decrease the dissociation of CH.COOH and the pH of solution 
increases. The table (8.10) tells us how the pH value of a mixture of two compounds is 
maintained. Greater the concentration of acetic acid as compared to CH.COONa, lesser is 
the pH of solution. 

Table (8.10) Effect of addition of acetate ions on the pH of acetic acid solution 


^© 


e'o* 


[curoon] 

(mole dm' 3 ) 

[CH,COO] 
(mole dm 1 ) 

% Dissociation 

pH 

0.10 

0.00 

1.3 

2.89 

0.10 

0.05 

0.036 

4.44 

0.10 

0.10 

0.018 

4.74 

0.10 

0.15 

0.012 

4.92 


to© 


,oVS ' 9 
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Actually a buffer mentioned above is a large reservoir of CH.COOII and CH,COO" 
components. When an acid or H 3 0 + ions are added to this buffer, they will react with 
CH a COO to give back acetic acid and hence the pH of the solution will almost remain 
unchanged. The reason is that CHJCOOH being a week acid will prefer to remain 
undissociated. Similarly, the buffer solution consisting of NH 4 C1 and NH 4 OH, can resist the 
change of pH and pOII,when acid or base is added from outside. When a base or OH' ions are 
added in it, they will react with H 3 0 + to give back RO and the pH of the solution again will 
remain almost unchanged. 

Calculating the pH of a Buffer 

Let us try to learn, how a buffer of definite pH can be prepared. Consider a weak acid 
HA and its salt NaA with a strong base say NaOH. The reversible reactions for dissociation 
of HA are as follows: >©© 0 ^ 




e©' 


HA 

NaA 


H* + A 
Na + + A’ 


1 he dissociation constant of a weak acid HA is given by; 

K t H+ ][A I 

Rearranging the equation, [HAj 


^e e 
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V a , T!? e concentratlon of A 111 the reaction mixture is predominantly being supplied by 
NaA which is a stronger electrolyte than HA, and the ionization of HA is being suppressed by 
common ion effect (A is the common ion in this buffer solution). 

Taking log of this equation. 

, rTT+1 , K„[HA] 
log[H] = log 

[A j 

[HA] 


,oVS 


[H + ] =- 


K a [HA] 

LAI 


>X>° 




LA] 


log [H ] = log (K,) + log - 

Multiplying with negative on both sides 

-log[H ] = - log (Kj - log 

At 

Since - log [H + ] 


So, 


[A] 

pH and - log (KJ - pK a 


pH = pK a - log 


[HA] 




e'o 0 


, o ^' 9 




[A] 

[A ] refers to the concentration of the salt, Actually, maximum possible concentrate 
ot A is given by NaA, being a strong electrolyte 


pH = pK, log 


[acid] 

[salt] 


Intei ...anging the numerator and denominator the sign of log changes 

[saltl 


or 


PH = pK a + log 


[acid] 


J h ‘ S r f. lab0nshlp » ca T ] ! ed Henderson's equation. This equation shows that two 
factors evidently govern the pH of a buffer solution. First is the pK, of the acid used and 

r f° of the conce ntrations of the salt and the acid. The best buffer is prepared 
g equa concentration of salt and acid. So, pH is controlled by pK a of the acid. For 

example, for acetic acid sodium acetate buffer if 
[CH 3 £oOII] = [CHjCOONa] 


>\D 0< 




pH = pK a + log 

pH - pK, + log (1) 
pH = pK, + 0 = pK a 


[CH 3 COONa] 

[CII :J COOH] 


a, ^ 


SO 
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pH = 4.74, 

It means that the pH of this buffer is just equal tothcpK, of the acid. 






fK®' 


Similarly for formic acid sodium formate buffer, if 
[HCOOII] - fHCOONa] 
then pH - pK, + 0 = pK, 

so pH = 3.78. 

To prepare a buffer of definite pH, we need a suitable acid for that purpose. We can 
also manage the buffer of our own required pH by suitably selecting the concentration ratio 
of the salt and the acid. If [CII ,COOH 1 is 0.1 mole dm :i and that of [CH 3 CGONa] is 1.0 mole 
dm 3 then 


pH — 4.74 + log 


[salt] 


[acid] 

pH - 4.74 + log — 

0.1 


— 4.74 + log 10 


Since 


log 10 =1 

pH - 4.74 + 1 - 5.74 
pH = 5.74 

Similarly, if [CH 3 C00H] is 1.0 mole dm 3 and [CH,COONa] is 0.1 moles dm \ then 
^6®^ P H = 4.74 + log M ^ K e®' 0 ° 




pH = 4.74 + log Jy - 4.74 + log 10 1 

pH = 4.74 * 1 - 3,74 
or pH =3.74 

Anyhow, the above mentioned combination can lie used to prepare buffers from 3.74 to 
5.74. The buffer beyond this range will not be good buffers and will have small buffer capacities. 

Just like acidic buffers, the basic buffer have their own Henderson equation. For this 
purpose, let us use the mixture of NH 4 OH and NH.Cl. NH,OH is a solution of NH 3 in water 
and it can be represented as follows: 


NH,(aq) + H 2 0(0 


NH/(aq) + OH (aq) 


LNH/][OH'] 


[NHJ 

taking the log, multiplying with negative sign and rearranging, we get ^<AD° 
pOH = PK, + loeiHSl 





[base] 


Using this relationship, we can prepare a basic buffer of the required pOH or pH by 
suitably selecting a base and adjusting the ratio of [salt] /[base]. 
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1 ‘ A am 1J,e 5 : Calculate the pH of a buffer solution in which 0. 1 1 molar CH,COONa and 
0.09 molar acetic acid solutions are present. K s for CH.COOH is 1.85 x 10" 

Solution: 

0.1 1M CH 3 COONa solution means that 0.11 moles are dissolved in 1 dm 3 of 


solution. 


[CH^COONa] 
rCH 3 COOH] 
K, ofCH-jCOOH 
pK; 


= 0.11M 
-0.00 M 
= 1.85 x 10' 5 . 

= -log(1.8 x 10 fi ) = 4.74 




pH 

pH 


= pK, + 


^3 


iH of 


= 4.74 + log Qdl 
0.09 

pH - 4.74 + 0.087 = [4.8 31 Answer 

Since, the concentration of CH.COONa is more than that of Cl I, COO H, so pn oi 
buffer is greater than 4.74. In other words, the solution has developed the properties of a 
base, because CH 3 C00Na hasNa" ion which is from a strong base. 

8.8.1 Buffer Capacity 

he buffer capacity of a solution is the capability of a buffer to resist the change of 

i , LTV* quanhtatively that how much extra acid or base, the solution can 

a sorb before the buffer is essentially destroyed. Buffer capacity of a buffer solution is 

etermined by the sizes of actual molanties of its components. So, a chemist must decide 
before making the buffer solution, what outer limits of change in its pH can be tolerated. 

,7 et us do sc ™e calculations to check the effectiveness of a buffer system. Consider 
that we have a buffer having 0.1 1 molar CH.COONa and 0.09 molar acetic add. Its pH will be’ 
4AU et us add 0 01 moles of NaOH in one dm 3 of the buffer solution (remember that addition 
... ' .™ T e , S Na H per dm of soIutlon m11 change the pH from 7.00 to 12.00 in pure water) 

nnT ! f ™ 6 and il 15 KK)% Associated, it generates 0.01 moles OH‘. Out of 

0.09 mole of CH a COOH, 0.01 mole will react with OH" and 0.08 moles of CH.COOH is left 

‘ Th ‘ S neUrraIlzation of C0lirse makes the identical change in the 
1 n - unt of L H.COONa and its concentration will increase from 0, 11 mole to 0.12 mole. 

Henderson equation is, pH - pK + log|^j 








Putting the new concentrations of salt and acid after addition of NaOH. 


pH — 4,74 + log 


0.12 

0,08 
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pH = 4.74 + log (1.5) 
pH - 4.74 + 0.176 
pH - [4,92 1 Answer 
It means that there is a very small change in pH from 4.83 to 4.92, that is only a 
difference of 0.1. So we reach the conclusion that a buffer does not hold the pH exactly 
constant. But it does a very good job in limiting the change in pH to a very small amount. 


8.9.0 EQUILIBRIA OF SLIGHTLY SOLUBLE IONIC 
COMPOUNDS (SOLUBILITY PRODUCT) 

When a soluble ionic compound is dissolved in water, like NaCl, it dissociates 
completely into ions. But for slightly soluble salts the dissociation is not complete at 
equilibrium stage. For example, when PbCL, is shaken with water the solution contains Pb 2+ , 
Cl and undissociated PbCl, . It means that equilibrium exists between solid solute, PbCl, and 
the dissolved ions, Pb 2+ and Cl . 


fx© 


PbCl 2 (s)^^ PbCl,(aq)?=^Pb 2+ (aq)+ 2Cl(aq) 

. /nQU' 

According to law of mass action K = 



to© 




& 


Lead sulphate is a well known sparingly soluble compound and it dissociates to a 
very small extent like PbCl,. 

PbS0 4 (s) f=^Pbf>0 4 (aq) Pb 2+ (aq) + SO/(aq) 

Law of mass action applied to the dissociation of PbS0 4 gives equilibrium constant K 
[Pb 2 J[SO;1 


K - 


[PbSOJ 


Being a sparingly soluble salt the concentration of lead sulphate (PbS0 4 ) almost 
remains constant. Bring [PbSOJ onL.II.S. with K t 

K r [PbS0 4 ] = rPb 2+ JLSO/‘] 
if K l [PbSOJ - K sr 

then K sjj = [Pb 2+ (aq)] [SOj (aq)] - 1.6 x 10^125 °C 

K s „ is called the solubility product of PbS0 4 . It is the product of molar solubilities of 
two ions at equilibrium stage. 

Similarly, for PbCl, K sp = [Pb 2+ (aq)] [Cl (aq)] 2 

K sp is usually a very small quantity at room temperature. The value of K, r , is 
temperature dependent. 

For a general, sparingly soluble substance, A, R,. 




>X>° 


A. B 


V“ 


^ xA +> ’ + yB" 


K. =rA‘TLBT 
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So, the solubility product is the product of the concentrations ol' ions raised to an 
exponent equal to the coefficient of the balanced equation. The value of K sp is a measure of 
how far to the right dissolution proceeds at equilibrium i.e. saturation. The' following Table 
(8.10) shows us the K„ values of slightly soluble ionic compounds. 

Smaller the value of K ap , lesser the capability to be dissociated. 




Table (8.10) K iy values for some ionic compounds 
(compounds are arranged alphabetically). 


Salt 

Ion Product 

r 

Salt 

Ion Product 

K. 

AgBr 

[Ag‘][Br] 

5.0 x 10 13 

CuS 

[Cu“ + J[S 2 ] 

8x10^ 

AfeCO 

iAg nco i 

8.1 x 10 12 

FeS 

[Fe 3+ ][S 2 ] 

6.3 x 10“ 

AgCl 

fAg KCl 1 

1.8 x 10 J " 

FeA 

| Fe‘ j [S T 

1.4x10* 

Agl 

[Ag im 

8.3 x 10" ' 

Fe(OH). 

[Fe 5+ ][0Hf 

1.6 xlO* 9 

Ag.,S 

IAg J [S J 

3x10^ 

HgS 

[Hg : J!S J 

2 x 10*" 

! A1(OHj 

[Al 3+ ][OH ] ( 

3x10“ 

MgCO, 

[Mg 2l ][CO,\! 

3.5x 10" 

BaCO ; 

[Ba-'ICO 3 ] 

2 x 10* 

Mg(OH) z 

[Mg^JfOHf 

6.3 x 10 ln 

BaSO. 

[Ba''l(80 ; 

1.1 x 10-“ 

MnS 

[Mn 2+ ][Sn 

3 x 10 11 

CdS 

fCd' j[S J 

8.0 x 10 27 

PbCl, 

[Pb’ l ][crj" 

1 .6 x 10* 

CaCO, 

tCe-"J[CO.;l 

3.3 x 10* 

PbCr0 4 

[Pb 2+ ][CrO/] 

2.3 x 10“ 

CaF_, 

[Ca JfFJ 

3.2 x 10 1 1 

PbS0 4 

[Pb 2 ‘][SO/] 

1,6 x 10* 

Ca(OH), 

[Ca JiOII] 

6.5 x 10* 

PbS 

fpb ! i[sn 

8.0 x 10 33 



8.9.1 Applications of solubility product 
(a) Determination of from solubility 

From the solubility of the compounds, we can calculate K, P of the salt. The 
solubility for most of the compounds are given in terms of the grams of the solute per 100 a of 
water Since the quantity of solute is very very small, so 100 g of water solution is 
considered to be 100 ml of solution. The reason is that the density of water is very 
close to unity Hence, we get the concentration in moles dm 3 . The number of moles of solute 


1 . X uc iiLmujci UI moies OI solute 

dm of the solution is calculated by dividing the mass of solute by its molar mass. Then bv 

^ 

Example 6: The solubility of PbF 2 at25 °C is 0.64 gdm :i . Calculate K p ofPbF„ 


tuc nitons u i kujuie oy its molar i 
using the balanced equation, we find the molarity of each ion and then find K ip . 

N VvS 


WTk 


fii st of all convert the concentration from g dm 3 to moles dm ! . 
Mass ofPbF a dissolved dm 1 = 0.64g 

Molecular mass of PbF, = 245.2 g mol 1 
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NumberofmolesofPbF. = (j'f ^ 6 

245.2 g mol 

The balanced equation for dissociation of PbF 2 is, 
PbF, (s) v s Pb 2+ (aq) + 2F 1 ' (aq) 


=2.6x10 


■e© 


to© 






0+0 t = 0 sec 

2.6x 10 3 moles + 2 x 2.6 x 10' "moles t = equilibrium 


2.6x 10"’M 
"zero" moles 
The expression ofK J(J is 

Putting values of concentration 

K sp = 2.6 x 10 3 x (2 x 2.6 x 1 0'Y - J.O 7 10^ i Answer 

(b) Determination of Solubility from K m 

For this purpose we need the Table (8.11) Relationship between K re and the 
formula of the compound and K 5p value. solubility of some compounds. 

Then the unknown molar solubility S is 
calculated and the concentration of the 
ions are determined. 

Table (8.11) shows the 
relationship between the K ip values and 
the solubility of some sparingly soluble 
compounds. 


Formula 

No. of 
ions 

Cation 

Anion 

K 

Solubility 

gdm’ 1 

MgC0 3 

2 

i/i 

3.61 x 10 4 

1 ,9 x 10 J 

PbSO, 

2 

VI 

1.69 x 10" 

1.3 x 10“ 

BaCrO,! 

2 

i/i 

1.96 x 10 10 

1.4 x 10 s 

Ca(OH), 

3 

1/2 

6.5 x 10 4 

1.175 x 10 a 

BaF. 

3 

V2 

1.35x 10 s 

7.2 x 10- 3 

CaFj 

3 

V2 

3.2x10” 

2.0 xlO 1 

Ag,CrO, 

3 

2/1 

2.6 x 10 13 

8.7 x 10 s 


Example 7: Ca(OH) s is a sparingly soluble compound. Its solubility product is 

6.5x10 . Calculate the solubility of Ca(OH),. 

Soli ttion : Let the solubility is represented by S in terms of moles dm’. 

The balanced equation is 

Ca(OH) 2 ^=) Ca 2+ (aq) + 20H"(aq) 

Ca(OH)-, — ^ 0 Initial stage 

Ca(OH), T S + 2S Equilibrium stage 


The 6.5x10 f 


The concentration of OH' is double the concentration of Ca" + so 

K=ICz 2+ UOHJ~Sx(2S? * 

4S S = 6.5x10 6 


to°° 





So, 


S = 


6.5x10* 




= (1.625 xlO*) 1 
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S = (1.625) w x 10' 2 
3 = 1.175x10' 

^ Hence, at equilibrium stage 1.175 x HT 2 moles dm’ 3 of Ca 2+ and 
2x1.175 x 10 = 2.75 x 10" moles dm 3 OH are present in the solution. In this way, we have 
calculated the individual concentrations of Ca +2 and OH ion from the solubility product of 
Ca(OH) a , 

Effect of Common Ion on Solubility 

The presence of a common ion decreases the solubility of a slightly soluble ionic 
compound. In order to explain it, consider a saturated solution of PbCr0 4 , which is a 
sparingly soluble ionic salt. 

PbCr0 4 {aq) Pb 2 " (aq) + CrO, 2 (aq) 

Now add Na 2 Cr0 4 , which is a soluble salt. C-rOy is the common ion. It combines with 
Pb' ! to form more insoluble PbCrCL So equilibrium is shifted to the left to keep K SB constant. 

} « KEY POINTS 

1. The reversible chemical reactions can achieve a state in which the forward 
and the reverse processes are occurring at the same rate. This state is called state 
of chemical equilibrium. The concentrations of reactants and products are called 
equilibrium concentrations and the mixture is called equilibrium mixture. 

Law of mass action provides the relationship among the concentrations of 
reactants and products of a system at equilibrium stage. The ratio of 
concentrations of the .products to the concentrations of reactants is called 
equilibrium constant. The equilibrium constants are expressed as K„ K^, K„ and K,. 

The value of equilibrium constant can predict the direction and extent of a 
chemical reaction. 

I he effect of change of concentration, temperature, pressure or catalyst in a 
reaction can be s udied witn the help of Le-Chatelier's principle. Increasing 
concentrations of reactants or decreasing concentrations ofproducts or heating of 
the endothermic reactions shifts the reaction to the forward direction, The change 
of temperature disturbs the equilibrium position and the equilibrium constant of 
reaction A catalyst decreases the time to reach the equilibrium and does not alter 
the equilibrium position and equilibrium constant under the given conch tions. 

Water is a very weak electrolyte and ionizes to a slight degree. The 
extent of this a autoionization is expressed by ionic product of water called K*. 
h-nga value 10 u at 25 "C. The addition of an acid or a base changes the [H + ] and 
[OH ], but the ionic product remains the same at 25 °C. 

I he concentration of H + is expressed in terms of pH and that of [OH ] in 
terms of P OH.NeutraI water has apH=7 andpOH=7.The value ofpK w isl4 at25“C. 
According to Lowry-Bronsted concept of an acid and a base the conjugate 


3. 

4. 


5. 

6 . 
7. 
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8 " 






9. 


10 . 


Qi- 

i) 






9 


ii) 


iii) 

iv) 


v) 




Q2. 

i) 


base of a strong acid is always weak. SopK, + pK* - pK^ 

Where pK, and pK. are the parameters to measure the strengths of acids and bases. 
Those solutions which resist the change of pH are called buffer solutions. 
Buffer solutions of pH below 7 are prepared by mixing a weak acid and salt of it with 
strong base while basic buffers can be prepared by combining a weak base and salt of 
it with a strong acid. Hendersen's equation guides us quantitatively to have the 
buffer solutions of good buffer capacity and to select the pair of compounds for this 
purpose. 

The solubility of sparingly soluble substances are calculated from the 
solubility product data. This data provides us the information about the selective 
precipitation and fractional precipitation. 

Common ion effect operates best in buffer solutions, and purification of certain 
substances. It is one of the best applications of Le-Chatelier’s principle. 

EXERCISE 

Multiple choice questions 

For which system does the equilibrium constant, K. has units of (concentration)" 1 ’’ 

(a) Nj, + 3H S 2NH 3 

(b) H 2 + I, 2 HI 

(c) 2N0 2 ^ N 2 0 4 

(d) 2HF ^ H, + F, 

Which statement about the following equilibrium is correct 

2SO, (g) + 0, (g) 2SO,(g) AH - -188.3 kj mol 1 

(a) The value of Kp falls with a rise in temperature 

(b) The value of K p falls with increasi ng pressure 

(c) Adding V 2 0 5 catalyst increase the equilibrium yield of sulphur 
trioxide 

(d) The value of IC, is equal to K ; . 

The pH of 10 3 mol dm" 3 of an aqueous solution of H 2 S0, is 
(a) 3.0 (b) 2.7 (c) 2.0 (d) 1.5 

The solubility product of AgCl is 2.0 x 10 " 1 mol 2 dm"*. The maximum concentration 
of Ag T ions in the solution is 

(a) 2.0x10 M mol dm" 3 (b) 1.41 xlO" 3 mol dm" 3 

(c) 1.0xl0" 1# mol dm 3 (d) 4.0x10 20 mol dm' 3 

An excess of aqueous silver nitrate is added to aqueous barium chloride and 
precipitate is removed by filtration. What are the main ions in the filtrate? 

(a) Ag J and N0 3 only (b) Ag + andBa 2 *andNO," 

(c) Ba 3 * and NO/ only (d) BAandNO, and Cl" 

Fill in the blanks 

Law of mass action states that the at which a reaction proceeds, is 
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directly proportional to the product of the active masses of the 

ii) In an exothermic reversible reaction, temperature wil 

equilibrium towards the forward direction. 

iii) The equilibrium constant for the reaction 20 3 p=d 30, is 1 (f at 25 °C, it tells that 

ozone is _ at room temperature. 




the 


iv) 

v. 

Q3. 

i) 

ii) 


In a gas phase reaction, if the number of moles of reactants are equal to the numberof 

moles of the products, K f of the reaction is to the K„. 

Buffer solution is prepared by mixing together a weak base and its salt 

with__ or a weak acid and its salt with . 

Label the sentences as True or False. 

When a reversible reaction attains equilibrium both reactants and products are 
present in a reaction mixture. 

The K t of the reaction 

A + B s, v C + D 


is given by 
K_ = 


[CJ[DJ 


iv) 

v) 

Q4(a) 

(b) 




[A][B] 

therefore it is assumed that 
[A] - [B] - [C] = [D1 
A catalyst is a compound which increases the speed of the reaction and consequently 
increases the yield of the product. 

Ionic product K, of pure water at 25 °C is 10 14 mol' dm 4 ’ and is represented by an 
expression = [H + ] [OH'] - 10 14 mol“dm^ 

AgCl is a sparingly soluble ionic solid in water. Its solution produces excess of Ag + 
and Cl' ions 

Explain the terms " reversible reaction" and "state of equilibrium". 

Define and explain the Law of mass ac tion and derive the expression for the 
equilibrium constantly.). 




(c) Write K for the following reactions 


Q5(a) 


(i) 

Sn 2+ (aq) + 2 Fe J+ (aq) — 

— 1 Sn 4+ (aq) + 2 Fe z *(aq) 

(ii) 

Ag (aq) + he 4+ (aq) v- 

— Fe (aq) + Ag(s) 

Oh) 

N, (g) + 0,(g) 

— 2 N0(g) 

(iv) 

4 NH,(g) + 5 0,(g) 

— 4NO(g) +fiH,0(g) 

(v) 

PCl 5 (g) *=) PCl 3 (g) + 

CI 2 (g) 


Q6 


(b) 


Reversible reactions attain the position of eQuilibrium which is dynamic in nature 
and not static. Explain it. 

Why do the rates of forward reactions slow down when a reversible reaction 
approaches the equilibrium stage. 

When a graph is plotted between time on x-axis and the concentrations of 
reactants and products on y-axis for a reversible reaction, the curves become 
parallel to time axis at a certain stage. 
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Q7 (a) 


(b) 


Q8 (a) 


(a) At what stage the curves become parallel? 

(b) Before the curves become parallel, the steapness of curves falls? 
Give reasons. 

Tlie rate of decrease of concentrations of any of the reactants and rate of 
increase of concentrations of any of the products may or may not be 

equal, for various types of reactions, before the equilibrium time 
explain it. 

Write down the relationship of different types of equilibrium constants i.e. 
K t and K,, for the following general reaction. 
aA + bBF=*cC + dD 

Decide the comparative magnitudes of K r and K„, for the following 
reversible reactions. 

i) Ammonia synthesis ii) Dissociation of PC1 5 

Write down K c for the following reversible reactions. Suppose that the 

volume of reaction mixture in all the cases is V drfoat equilibrium stage 
G nirnnu nun ti ait * 





w l 

v 

(b) 


i) 

ii) 

iii) 

iv) 

v) 


+ l 


CH a COOH 
H 2 
2HI 
PC1 S 

N, + 3H, 


CH,CH,OH 
2HI 
H 


,CH 3 COOC 2 H 5 + H,0 


- + \ 
PCI, + Cl, 

2NH, 




^0° 




9 




Q9 

QlO 


(b) 

(c) 

Qll (a) 


*’* 1 ““z ' ZiNj-jj 

How do you explain that some of the reactions mentioned above are affected 
by change of volume at equilibrium stage. 

Explain the following two applications of equilibrium constant. Give examples 
Direction of reaction ii) Extent of reaction 

Explain the following with reasons. 

(a) The change of volume disturbs the equilibrium position for some of the 
gaseous phase reactions hut not the equilibrium constant 

The change of temperature disturbs both the equilibrium position and the 
equilibrium constant of a reaction. 

The solubility of glucose in water is increased by increasing the 
temperature. s 

What is an ionic product of water? How does this value vary with the 
change in m * y L,lc 


<b) 

Q12 (a) 

(b) 


r uoes mis vaiue vary with the 

change m temperature? Is it true that its value increase 75 times 
when the temperature of water is increased form 0 °C to 100 °C. 

What is the justification for the increase of ionic product with 
temperature? 

How would you prove that at 2SC, 1dm" of water contains 10’ moles 
of II 3 0 + and 10 7 moles of OH'. 

Define pH and pOH. How are they related with pK,„ 

What happens to the acidic and basic properties of aqueous solutions 
when pH vanes from zero to 14. 


I 
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Q13 


Q14 


Q15. 


Q16 


Q17 

(c) 

W) 

(e) 

Q18(a) 

(0 


(c) Is it true that the sum of pK, and pK tl is always equal to 14 at all 
temperatures for any acid? If not why? 

(a) What is Lowry Bronsted idea of acids and bases: Explain conjugate 
acid and bases. 

(b) Acetic acid dissolves in water and gives proton to water, but when 
dissolved in H 2 S0 4 , it accepts protons. Discuss the role of acetic acid in 
both cases. 

In the equilibrium 

PCI* te) V PCI, (g) + Cl, (g) AH = 90 kj mol 1 

What is the effect on 

(a) the position of equilibrium (b) equilibrium constant? if 

1 ) temperature is increased ii) volume of the container is decreased 

, catalyst is added iv) chlorine is added 

Explain your answer. 

Synthesis of ammonia by Haber's process is an exothermic reaction. 

N ? (g)+ 3H.(g)^=i2NH. 1 (g) i AH = 92,46 kj 

(a) What should be the possible effect of change of temperature at 
equilibrium stage? 

(b) How does the change of pressure or volume shifts the equilibrium 

position of this reaction? ' 

(c) What is the role of the catalyst in this reaction? 

(d) What happens to equilibrium position of this reaction if NH, is 
removed from the reaction vessel from time to time? 

Sulphuric acid is the king of chemicals. It is produced by the burning of SO, to SO. 
through an exothermic reversible process. 

(a) Write the balanced reversible reaction. 

(bi What is the effect of pressure change on this reaction? 

(c) Reaction is exothermic but still the temperature of 400-500 °C is required to 

increase the yield of SOj. Give reasons, 

(a) What are buffer solutions? Why do we need them in daily life? 

How does the mixture of sodium acetate and acetic acid give us the 
acidic buffer? 

Explain that a mixture of NH,OH and NH,C1 gives us the basic buffer 

How do you justify that the greater quantity of CH,COONa in acetic acid decreases 

me dissociating power of acetic acid and so the pH increases. 

Explain the term buffer capacity. 

What is the solubility product? Derive the solubility product expression for 
sparingly soluble compounds, AgCl, Ag,Cr0 4 , and PbCL 

How do you determine the solubility product of a substance when its 
solubility is provided in grams/100 g of water? 

How do you calculate the solubility of a substance from the value of 
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solubility product? 

Q19 Kc value for the following reaction is 0.016 at 520 U C 

2HI(g) r==* H 2 {g) + I 2 (g) 



to° 


oVS ' 9 




_ . c 

Equilibrium mixture contains [HI] - 0.08 M, [H,J = 0.01M, [IJ = 0.01M. To 
this mixture more HI is added so that its new concentration is 0.096M. What will be 
the concentration of [HI], [H,] and [IJ when equilibrium is re-established. 

(Ans: 0.0926 mole, 0.01 168 mole, 0.01 168 mole) 
Q20 The equilibrium constant for the reaction between acetic acid and ethyl alcohol is 
4.0. A mixture of 3moles of acetic acid and one mole of C.H s OH is allowed to come to 
equilibrium. Calculate the amount of ethyl acetate at equilibrium stage in number of 
moles and grams. Also calculate the masses of reactants left behind. 

{ Ans: 79.5g,126g, 4.6g) 

Q21 Study the equilibrium 

H s O (g) + CO(g) *=* H.(g) + CO, (g) 

(a) Write an expression of Kp 

(b) When 1.00 mole of steam and 1.00 mole of carbon monoxide are allowed to reach 

equilibrium, 33.3 % of the equilibrium mixture is hydrogen. Calculate the value of 
K„. State the units of Kp. ‘ A — A v 1 - 4A 

Q22 Calculate the pH of 

(a) 10-* mole dm' 3 of HC1 

(b) TO' 1 mole dm 3 of BafOH), 

(c) 1.0 mole dm' * of H 2 X, which is only 50% dissociated. 

(d) 1.0 mole dm" 3 of NH ,OH which is 1 % dissociated. 

Q23(a) Benzoic acid, C b HCOOH, is a weak mono-basic acid (K, = 6.4 x 10' 5 mol dm' 3 ). What 

is the pH of a solution containing 7.2 g of sodium benzoate in one dm 3 of 0.02 mole 
dm'^benzoicacid. ; - r~- (Ans: 4.59) 

(b) A buffer solution has been prepared by mixing 0.2 M CH .COONa and 0.5 M 
CH ( COOH in 1 dm 3 of solution. Calculate the pH of solution. pKj of acid - 4.74 at 
25"C. How the values of pH will change by adding O.lmole of NaOH and 0.1 mole of 
HC1 separately. (Ans:4.34, 4.62, 3.96) 

Q24 The solubility of CaF, in water at 25°C is found to be 2.05 x 10 4 mol dm 1 . What is the 

value of K.^ at this temperature. (Ans: 3.446x10'“) 

Q25 The solubility product of Ag 3 Cr0 4 is 2.6 x 10‘ 2 at 25°C. Calculate the solubility of the 
compound. (Ahs: 0.1866moldm' 3 ) 


{ Ans: 4, Kj, has no unit) 


(Ans: 4) 
(Ans: 10.3) 
(Ans: zero) 
(Ans: 12) 
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SOLUTIONS 


9.0.0 CONCEPT OF A SOLUTION 

Every sample of matter with uniform properties and a fixed composition is called a 

For example, water at room temperature and normal pressure exists as a single liquid 
phase, that is, all the properties of water are uniform throughout this liquid phase. If a small 
amount of sugar is added to this sample of water, the sugar dissolves but the sample remains 
as a single liquid phase. However, the properties and composition of this new liquid phase, 
now ue sugar solution, are different from those of pure water. As this solution of sugar in 
water is containing two substances (binary solution), so it is a mixture and since its 
properties are uniform, therefore, it is homogeneous in character. 

A solution, on average, is a homogeneous mixture of two opmofe kinds of different 
molecular or ionic substances. 

The substance which is present in large quantity is called a solvent and the other 
component in small quantity is called a solute. For a given solution, the amount of solute 
dissolved in a unit volume of solution (or a unit amount of solvent) is termed as the 
concentration of the solution. Solutions containing relatively lower concentrations of solute 
are called dilute solutions, whereas those containing relatively higher concentrations of 
solutes are called concentrated solutions. 


9.1.0 CONCENTRATION UNITS OF SOLUTIONS 

There are various types of concentration units of solutions. They are discussed as follows. 

9.1.1 Percentage composition 

The amounts of solute and solvent can be expressed in percentage composition by 
four different ways. 

a. Percentage weight/weight b. Percentage weight/volume 

c. Percentage volume/weight d. Percentage volume/volume 

(a> Percentage weight /weight 

It is the weight of a solute dissolved per 100 parts by weight of solution. 5% w/w 

sugar solution will contain 5 g of sugar dissolved in 100 g of solution in water. This solution 
contains 95 g of water. 




•V 
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% by weight ^ ass ofsolute x 100 


>V}0 




Mass of solution 

Example (1): o0' 

Calculate the percentage by weight of NaCl, if 2.0g of NaCI is dissolved in 20 g of water: 


P 




Solution: 


Weight of NaCl 
Weight of sovent 
Weight of solution 


- 2.0 g 

- 20.0 g 

- 20 + 2 = 22 g 


% of NaCl by weight - ^ x 100 

22.0 g 


- 19.09%! Answer 


(b) 


Percentage Weight/ Volume 
It is the weight of a solute dissolved per 100 parts by volume of solution. 10 g of 

glucose dissolved in 100 cm J of solution is 10% w/v solution of glucose. The quantity of the 
solventis not exactly known. In such solutions, the total volume of the solution is under 
consideration. 




pt- 


(c ) Percentage Volume / Weight 

It is the number of cm 3 of a solute dissolved per 100 g of the solution. If we 

dissolve 10 cm' of alcohol in water and the total weight of the solution is 100 g, then it is 10 % 
v/w solution of alcohol in water. In such type of solutions, we don't know the total volume of 
the solution. 


d. Percentage Volume /Volume 

It is the volume of a solute dissolved per 100 cm" of the solution. This unit of 
concentration is best applicable to the solutions of liquids in liquids. A 12 % alcohol beverage 
is 12 cm" of alcohol per 100 cm’ of solution. In such solutions, the total volume of the solution 
may not be necessarily equal to the sum of volumes of solute and the solvent. 

9.1.2 Molarity (symbol, M) 

Molarity is the number of moles of solute dissolved per dm" of the solution. To 

prepare one molar solution of glucose in water, we take 180 g of glucose and add sufficient 
water to make the total volume 1 dm ’ (1 litre) in a measuring flask. 

In case of one molar solution of sucrose, 342 g of sucrose are dissolved in water to 
make it 1 dm '. Since the volume of 342 g of sucrose is greater than 180 g of glucose so the 
volume of water in 1 molar sucrose solution is less than that of 1 molar glucose solution. 
Anyhow, to calculate the volume of the solvent, we need to know the density of the solute. 
Following formula is used to prepare the solution of any molarity. 

Mass of solute i 

Molarity (M) =— — - — x — — 

Mol. mass of solute Volume of solution dm' 1 


Solutions 


or Mniaritv nui - Number of moles of solute 

Volume of solution dm 


Examples (2): 
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Calculate the molarity of a solution containing 20.7 g of K ? C0 3 dissolved in 500 rm 3 of 
the given solution. 


Solution: 


Formula: Molarity = 


Mass ofKjCO, = 20. 7 g 

Molar mass of K,CO , = ISSgmol' 1 

Volume of solution = 500 cm = 0.5 dm" 
Mass of solute 


Molar mass of solute Voume of solution in dm" 


Molarity = £_ 

VS# 


1 


0.5 dm 


- 0.3 mole dm J - ]6,3mole dm 1 Answer 


9.1.3 Molality fsymbol, m) ^ 

Molality is the number of moles of solute in 1000 g (1 kg) Of the solvent. In order to 

f b0 U^10ns, we don,t havc t0 take any flask. 180 g of glucose when dissolved in 
1000 g of water gives one medal solution of glucose. The total mass of the solution is 1180 g Wc 
don know the volume of the solution. In order to know the volume we need the density of the 
ution. For one molal sucrose solution, 342 g of sucrose are dissolved in 1000 g of H,0. 

So, one molal solution of different solutes in water have their own masses and volumes 
In order to get the molality of any solution, we use the following equation. 

Molality (m) = Mass of solute 1 




or 


Molality (m) 


Molar mass of solute Mass of solvent in kg 
Number of moles of solute 


Mass of solvent in kg 

Example (3): 

of b . Wh3t 15 the molaJlty ofas °hition prepared by dissolving 5g of toluene (CHJ in 250g 

Jr; 

Mass of toluene = 5 g 
Mass of benzene = 250g = 0.25 kg 
Molar mass of toluene = 12x7 + 1x8=92 
Formula used 
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Molality Cm) =■ 




Molality (m) - 


Mass of solute 
Molar mass of solute 

5g 1 


Mass of solvent in kg 


Chemistry 


92g mol 1 0.250kg 


92 x 0.25 


mole kg 1 — | 0.2I7 mole kg ‘i Answer 


The molality of a solution is indirect expression of the ratio of the moles of the solute 
to the moles of the solvent. The molal aqueous solution of a solute say glucose or NaOH is 
dilute in comparison to its molar solution. The reason is that in molal solution the quantity of 
the solvent is comparatively greater. 

The value of concentration given in the units of molality does not change with 
temperature but that of molarity does. The reason is that the volume of liquids are affected 
by the variation in temperature. 

9.1.4. Mole Fraction (symbol, x) 

.This unit of concentration may be for any type of solution i.e'. gas in gas, liquid in 
liquid or solid in liquid, etc. This unit is also applicable to a solution having more than two 
components. 

The mule fraction of any component in a mixture is the ratio of the number of moles 
of it to the total number of moles of all the components present. 

Let there be three components A, ts, e, maxing a solution. The number of moles are 
n A> n B , n L respectively. If the mole fraction of A, B and C are denoted by x A , x BF x, ; respectively, 
Then, 

n 4 





n A + n E + rl C 

n A + o a - n c 

T, "f n ;! * i r 




The sum of the mole fractions of all the components of a solution must be equal to 
one. There are no formal units of mole fraction. Anyhow, we sometimes multiply mole 
fraction by 100 to get mole percent. 

Example (4): ^ p0 

Calculate the mole fraction and mole percent of each component in a solution having 
92 g of ethyl alcohol, 96 g of methyl alcohol and 90 g of water. 


Solution: 

First of all get the number of moles of each component. 



Solutions 






7 ^ 

Number of moles of the substance 
Molar mass of ethyl alcohol (C .11. Oil) 
Number of moles of ethyl alcohol 


_ Mass in grams of th 

Molecular ma 

, 

= 46 gmol 
92g 

— 46 gmol 1 = 2moles 



i grams 


Molar mass of methyl alcohol (CH, OH) - 32 gmol 1 

Number of moles of methyl alcohol - 00 %g . 

32 gmol 

Molar mass of water (H 2 0) - is gmol' 1 

Number of moles of water = — — £ - 

18 gmol’ 1 


=3moles 


=5moles 






^ cihyl alcohol 


L methyl alcohol 


^ HO 


2 

2 

2+3+5 

10 

3 

2 

2+3+5 

10 

5 

5 










10 


= 10.5) Answer 


# 

Now, multiply the mole fractions with 100, to get mole percent 
Mole % of ethyl alcohol . ->.*= 0.2 x 100 = §§ Answer 

Mole % of methyl alcohol = 0.3 x 100 = |o] Answer 

Mole % of H a O ^ 0.5 x 100 = (sol Answer 

In the case of mixture of gases, one can determined mole fraction from the partial 
pressure data of the mixture. Hence v 


x. = 


x„ = 


Xr = 


Pa +P 0 +P C “ P A +P B +p c ’ " 1 p A +p B +p c 

H here p A , p B , p c are the partial pressures of various gases in the mixture. 
Generally, we can say that ^ .. . 

Mole fraction of any gas - 


ft ® 1 


Partial pressur e of that gas 
Total pressure of the mixture of gases 


M Per Million ( symbol, ppm) 


Jjpi*!/ 

it is defined as the number of parts (by weight or volume) ofa solute per million parts 
( by weight or volume) of the solution. ^ 

This unit is used for very low concentrations of solutions, e.g. to express the 
impurities of substances in water. 



Sea water has 5.65 x 10 3 g of dissolved oxygen in one kg of water. Calculate the 
concentration of oxygen in sea water in parts per million 


ppm of oxygen in sea water 


5.65 x 10 J g 
lOOOg 


x 10 6 


5.65 Answer 


9.1.6 Interconversion of Various Concentration Units of Solutions 

Sometimes, we get prepared solutions from the chemical supply houses. For 
example, we are working with a solution whose molarity is given by the supplier but we 
need to know its molality or w/w percentage. For such purpose, we need to convert one unit 
of concentration into other. These conversions are usually done if we know the formula 
masses and the densities of the solutes or solutions. Following table shows the five 
important chemicals whose w/w%, molarities and densities are given. One should be able to 
interconvert these concentration units into each other and moreover to molalities and mole 
fractions for laboratory work Let us do some calculations in this respect. 

Example (6*P 

Calculate the molality of 8 % w/wNaCl sol ntion. 

Solution: 


k n> 


* 


■Name 
Of Acid 

(w/w ) 

Mntnrity 
(M dm ■> 


HSQj 

98 

m — 

1.84 

H PO, 

85.5 % 

4.8 

1.70 . 

HNO, 

70.4 % 

15.9 

1.42 

HC1 

57.2 % 

12.1 

1.19 

CHCOOII 

99.8 % 

17.4 

1.05 


vent. 


8% w/wNaCl solution means that 8g of NaCl are dissolved in lOOg of solution 
So, mass of water in the solution = 100 - 8 = 92 g 


Number of moles of NaCl — 
Mass of HX) in kg = 


As. 


58.5 g mol 
92 g 

=0.092 kg 


= 0.1367 


1000 


It means that 0.1367 moles of NaCl is dissolved in 0.092 kg of water. 

Molality (m) = Number Qf moles of solute _ 0.1367 mole s 
Mass of solvent in kg 0.092 kg 

^e'o 0 - [17487 moleskg" 

The given solution is 1.487 rnolal. 







Example (7): 

Hydrochloric acid available in the laboratory is 36% (w/w). The density of HC1 
solution is 1.19 gem 3 . Determine the molarity of H Cl solution. 





Solutions 


257 


Solution: ' 

_ 36* (w/wmC^lut.o„ means that 36 g „f HC1 dmsolved in 100g of solution. 

Mass of solution _ 100 g 

mass, bytT^d“SrW, VOl,lme * ' ^ C ° nTCrt thiS 

Mass of 1 000 cm 1 of H Cl solution =1000x1.19 = 119() g 

, . (Mass 7= volume x density) 

1 OOg of solution has HC1 =36g 

So, mass ofHCI in 1190 g of solution - 1190x36 

lQOg ^°' 4g 

= 36.5gmol‘ 1 


Molar mass of HC1 

Number of moles of HC1, in 428.4 g of HC1 - 428 - 4 K = 1 1 73 

36.5 g mol 1 

So, 1000 cm 1 solution of HC1 has 11.73 moles of HCi 
Hence, molarity of HC1 = fn73moksdmj Answer 




Example (8): 

l^Wh^ ^ lhis s ^on is 

Solution: 

Molarity ofHClO, = 9.2gmole S dm 3 

Density of solution = 1 54 gcm^ 

Let us calculate the mass of solution which is ldm> in volumeandhas Mmoles of HC10 in it 
bmce, Mass = volume x density 

Mass of 1000 cm 1 solution - 1 000 atfx 1 .54 g cm J = 1540 g 

Molai mass of HC10 4 = ] 00.5 g mo] 1 

9.2 moles of HC10 4 can be converted to its mass 

°f u n° 4 = 100-5 8 mo3 ’ x 9 ‘ 2 mo1 = 924 * 6 8 ' 

Mass of HO = mass of solution - massofHClO, = 1540-924.6 - 615.4g 

x 100 =,60.0-4 ~ 





% ofHClO, by weight = of HCICl _ 924.6 

mass of solution IMQg 


e 'OC* ofH s O by weight = 100-mass of HCI0 4 = 10(1- 60.04- [3 94161 Answer 

9.2 TYPES OF SOLUTIONS 

a liquid. A* Zermaa ZZC « f Z "Z 6 SOlute is a solid “ d solvent is 

solute or solvent. Examples for nine possible " 
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Table (9,2) Common types and examples of solutions 


State of Solute 

State of Solvent 

Example 

Gas 

Gas 

Ah' 

Gas 

Liquid 

0, in water, C0 2 in water. 

Gas 

Solid 

H 2 adsorbed by palladium. 

Liquid 

Gas 

Mist, fog, clouds, liquid air pollutants. 

Liquid 

Liquid 

Alcohol m water, milk, benzene in toluene. 

Liquid 

Solid 

Mercury in silver, buLter, cheese. 

Solid 

Liquid 

Sugar in water, jellies, paints. 

Solid 

Gas 

Dust particles in smoke . 

Solid 

Solid 

Metal alloys pearls, opals, carbon in iron (steel). 


9.2.1 Solutions of Solids in Liquids 

When a solid comes in contact with a suitable liquid, it dissolves forming a solution 
i,e. a homogeneous mixture. This process of dissolution can be explained in terms of 
attraction between the particles of a solute and that of a solvent. The molecules or ions in 
solids are arranged in such a regular pattern that the inter-molecular or inter-ionic forces are 
at a maximum. The process of dissolution is to overcome these forces of attraction holding 
together the solute molecules or ions in the crystal lattice, by the solute-solvent forces. In 
molecular crystals, the inter-molecular forces of attraction are either dipole-dipole or 
London dispersion type. These forces are relatively weak and can easily be overcome. 
Hence, non-polar or less polar molecular crystals usually dissolve in non-polar solvents like 
benzene. 

In the crystal lattice, the inter-molecular or inter-ionic forces of attraction between 
highly polar molecules or ions are quite strong, hence the polar solids fail to dissolve in non- 
polar solvents. These strong electrostatic forces cannot be overcome or shattered by the 
weak solute-solvent attractions. Take the case of cane sugar. Due to hydrogen bonding, it has 
tightly bound molecules, so it will not be dissolved by solvents like kerosene oil, petrol, 
benzene, etc. It will be dissolved readily in water, because water attracts sugar molecules 
almost in the same w^ay as the sugar molecules attract one another. 

The inter-ionic forces of attraction are very strong in ionic solids so, equally strong 
polar solvents are needed to dissolve them. Such solids cannot be dissolved by moderately 
polar solvents e.g. acetone, A moderately polar solvent, fails to dissolve sodium chloride, 
which is an ionic solid. Thus the solubility principle is that 'like dissolves like'* . 

9.2.2 Solutions of Liquidis in Liquids 

The solutions of liquids in liquids may be divided into three classes. 

(i) Completely Miscible Liquids 

Liquids like alcohol and water or alcohol and ether mix in all proportions. However, 
the properties of such solutions are not strictly additive. Generally, the volume decreases on 
mixing but in some cases it increases. Heat may be evolved or absorbed during the 
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St"itai°r f such s “' ution5 ’ These types uf soiu “° ns ran usuaiiy bc separated by fractiu " ai 


(ii) 


K& 


Partially Miscible Liquids 

A large number of liquids are known which dissolve into one another up to a limited 
extent. For example, ether (CA-O-QA) dtssolves water to the extent of about 1.2 % 
and water dissolves ether up to the extent of about 6.5%, 

As the mutual solubilities are limited, the liquids arc only partially miscible. On 
s a in £ eC|Lial v °lumes wat cr and ether, two layers are formed. Each liquid layer is a 
saturated solution of the other liquid. Such solutions are called conjugate solutions The 
mutua solubility of these conjugate solutions is affected by temperature changes Typical 
examples of such systems are: ' F 

a. Phenol- water system 

b. Triethylamine-water system 

c. Nicotine- water system 

Phenol-Water System (H 2 0 + C 6 H s OH) wc.cW 

The example of phenol in water is interesting. If equal volumes of water and nhenol 
are mixed together they show partial miscibility, ft has been observed that around room 
tempeiature phenol will dissolve m a lot of water giving us the upper layer and water will 
dissolve m a lot of phenol giving us the lower layer. 

, . At , 25 9 2, C " pper Iayer is 5% elution of phenol in water and the lower laver is 30% 

water m phenol, These two solution are conjugate solutions to each other. 7'te Wer layer 

kverSS? ^ f eatc f percenta f ° f Phenol. Water acts as a solute in the lower 

Q1 - , . . . pheno1 1B a solute in the upper layer. When the temperature of water-phenol 

system is increased the compositions of both layers change. Water starts travelling from 
pper to the lower layer and phenol travels from lower to the upper laver When the 

ns? 22S approaches f 65 ' 9 " C. a homogeneous mtoE of t™ comments 

temi te t 2 homogeneous mixture contains 34% phenol and 66% water. The 
w P i ■ f 9 C at whlch conjugate solutions merge into one another is called 

critical solution temperature or upper consulate temperature 

with dcScoSS ymiSCiHe pairs 0f ,it| " ids have thdrpw " temperatures 

Mpf, e3 J™ 1 P le > water-aniline system has a single layer at 167.0° C with 15% water 
Methanol-cyclohexane system has consulate temperature of 49.1° C with 29% methanol. 


(iii) 


tO 


Liquids Practically Immiscible 

immiscible° Se liq “ it,S WhiCh d ° n0t diSS ° lve mt ° eacb ° ther m a ">' propprt '™' •« 
Examples: (i) Water and benzene (H 2 0 + CJij 

(h) Water and carbon disulphide (H,0 + CS 2 ) 
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11 . 


111 . 

iv. 


9.3.0 Ideal and Non- Ideal Solutions 

When two or more than two liquid substances are mixed, the solutions may be ideal 
or non-ideal. To distinguish between such solutions we look at the following aspects 
i. If the forces of interactions between the molecules of different components arc same 

as when they were in the pure state, they are ideal solutions, otherwise non-ideal. 

If the volume of solution is not equal to the sum of the individual volumes of the 
components, the solution is non-ideal. 

Ideal solutions have zero enthalpy change as their heat of solution. 

If the solutions obey Raoult's law, then they are ideal. This is one of the best 
criterion for checking the ideality of a solution 

Let us first study, the Raoults's law and then try to understand ideality of solutions, 
the process of fractional distillation and the formation of azeotropes. 

9.3.1 RAOULT'S LAW 

Raoult's law can be defined in these ways: 

The vapour pressure of a solvent above a solution is equal to the product of th 
vapour pressure of pure solvent and the mole fraction of solvent in solution. 

Mathematically, it can be written in equation form as follows: 

P = P° x i (1) 

Where pis the vapour pressure of solvent in the solution, p° is the vapour pressure of 
pu re solvent and x, is the mole fraction of solvent . 

We also known that 

x, + x, = 1 (x ? is the mole fraction of solute) 

or x, » 1- x, 

Putting the value of x, in equation (I) 

P = p°(l - x,) 

or P = p° - p% 

or P°-P = p°x 2 

or Ap = p% ( 2 ) 

Equation (2) gives another definition of Raoult's law. "The lowering of vapour 
pressure is directly proportional to the mole fraction of solute." Now rearrange equation (2) 
to get equation (3). 

= s ) ~ y £>' 1 




voO^ 


Ap 



Ap/p" is called relative lowering of vapour pressure and it is more important than 
actual lowering of vapour pressure (Ap). The equation (3) gives us another definition of 

Kaoult s law. “The relative lowering of vapour pressure is equal to the mole fraction of 
solute , 

The relative lowering of vapour pressure: 
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(i) is independent of the temperature x rt 0 > 

(ii) depends upon the concentration of solute. 

(iii) is constant when equimolecular proportions of different solutes are 
dissolved in the same mass of same solvent. 


Example (9): 

The vapour pressure of water at 30° C is 28.4 torn Calculate the vapour pressure of a 
solution containing 70g of cane sugar (C ,11, ,()..) in lOOOg of water at the same temperature. 
Also calculate the lowering of vapour pressure. 


Solution: 

Molar mass of cane sugar dissolved 
Molar mass of cane sugar 

Niunber of moles of a compound 

Number of moles of sugar, C r , HL Oj, (n 2 ) 

Mass of H.,0 in solution 

Number of moles of water, H,0 (n,) 
Total number of moles 
Mole fraction of sugar, (x,) 

Mole fraction of water, 11,0 (x,) 

Vapour pressure of pure water 


- 70g 

= 342gmole 1 
mass 

molar mass 

- 7 M 

342g/mol 
= lOOOg 


= 0,20 


lOOOg 


•p.e 


to° 


,d^ 




—55.49 


18.02g/mol 
= 0.20 + 55.49 - 55.69 


n, + n, 
n, 


0.2 

“55.69“ 0,0036 


a. 


n.. 


55.49 

“55.69 


= 0.9964 


=28.4 torr 


Applying the formula for vapour pressure of solution 

p = p° x, = (28.4) (0.9964) = 28.29 torr 
So, vapour pressure of solution = [28.29 torr I Answer 

Lowering of vapour pressure, Ap = 28.4 - 21.29 H 0,11 torr] Answer 


9.3.1 Raoult's Law (when both components are volatile) 

Kaoult's law can be applied to understand the relationship between mole fractions of 
two volatile components and their vapour pressures before making the solution and after 
making the solution. .Consider two liquids 'A 1 and B r with vapour pressures p° A and in the 
pure state at a given temperature. After making the solution, the vapour pressures of both 
liquids are changed. Let the vapour pressures of these liquids in solution state be p A and p,. 
with their mole fractions x A and x B respectively. 
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Applying Raoult's law to both components 




Pa ~ P°a x a 
Pb = P°B X B 


p , =Pa+Pb=P°aXa+P 0 rXb (where P t is total vapour pressure) 


since 


x A +x B ^l 


W' 


X n =l-X A # 

p , = pX + Pb(1-xJ 
P, = PX + Pu - Pt: x A 

P i ~ (Pa'Pb) x a + Pa (4) 

The component A is low boiling and B is high boiling. The vapour pressure of A is 
more than B at a given temperature. 


Equation (4) is a equation of straight 
line. If a graph is plotted between Xgor mole % ofB 
on x-axis and P, on y-axis, a straight line will 
be obtained Fig (.9.1) 

* Only those pairs of liquids give 
straight lines which form ideal solutions. So, 
Raoult's law is one of the best criterion to 
judge whether a solution is ideal or not. 

All the possible solutions of two 
components A and B have their vapour 
pressures on the straight line connecting p a A 
with p u B . All such solutions will be ideal. Each 
point on this straight line represents the 
vapour pressure of a solution, at a given 
temperature, with the corresponding 
contribution of both the components A and B. 



A- 100.0 90 HO 70 60 50 40 30 20 10 0.0 =A 

Compositions (mof©%) fr 

Fig, (9.1) Graph between composition 
and vapour pressure 


The two dotted lines represent the partial pressures of the individual components of 
solution. They show the increase of vapour pressure of a component with increase in its mole 
fraction in solution. 

In order to explain it, consider a point G on the straight line. This point represents 
the vapour pressure of solution with 30% moles contribution of the component B and 70% 
Since, A is more volatile component, so its contribution towards the 
vapour pressure of solution is represented by p A . The contribution of the less volatile 
component B is represented by p 3 . Similarly, we can calculate the relative contributions of A 
and B towards the total vapour pressure of solution by taking other points along the line 

joining p\ to p° B . 

The total vapour pressure of the solution (P t ) corresponding to the point G will be 
equal to the sum of the vapour pressures of the individual components (p A + p B ) as shown 
in the Fig. (9.1). 
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9.4 VAPOUR PRESSURES OF LIQUID-LIQUID SOLUTIONS 

Binary mixtures of miscible liquids may be classified as (i) ideal (ii) non-ideal or real 
solutions. 

The vapour pressures of solutions provides a simple picture about their behaviour. 
Let us discuss the vapour pressures of ideal and real solutions one by one. 

(i) Ideal solutions 

An ideal solution is that which obeys Raoult's law. Some typical ideal solution 
forming liquid pairs are: benzene-toluene, benzene-ether, chlorobenzene-bromobenzene, 
ethyl iodide-ethyl bromide, etc. 

Fractional Distillation of Ideal Mixture of Two Liquids 

Let us have two liquids A and B which form a completely miscible solution. A is a 
more volatile component so its boiling point is less than B. If we have various solutions of 
these two components and a graph is plotted between compositions on x-axis and 
temperature on y-axis, then two curves are obtained as shown in the Fig. (9.2). The upper 
curve represents the composition of the 
vapours of different solutions while the 
lower curve represents the composition 
of the liquid mixtures. The reason is that 
at any temperature the composition of 
vapours is different from the 
composition of liquid mixture. 

Consider the temperature, 
corresponding to the point G. It is the 
boiling point of solution corresponding 
to composition I. It meets liquid curve at 
point H and the vapour curve at the point 
C. The composition of liquid mixture 

corresponding to the point H is shown by the point I. At point I the mixture has greater 
percentage of B and less percentage of A. While at the same temperature the vapours of the 
mixture have the composition K. At the point K, the percentage of A is comparatively greater 
than B when we compare it with composition of liquid mixture corresponding to point I. 
Because A is a low boiling liquid, it is present in the vapour state in greater percentage than 
at point I. Qy 

If the temperature of the mixture is maintained corresponding to point G, the 
distillate will have greater percentage of A and the residue will have greater percentage of B. 
The reason is that the fraction going to distillate is that which is in vapour state and it has 
greater % of A. The distillate of composition K is again subjected to distillation. Its boiling 
point is X, and at this temperature the distillate of composition Z is obtained. This distillate of 



Fig (9-2) Composition - temperature curve 
of an ideal solution. 
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composition Z is further distilled. In this way, the distillate becomes more and more rich in A 
and residue is more and more rich in B. So, process of distillation is repeated again and again 
to get the pure component A. Thus we can completely separate the components by fractional 
distillation. Such liquid mixtures, which distil with a change in composition, are called 
zeotropic mixtures. For example, methyl alcohol-water solution can be separated into pure 
components by distillation. 


ii. -Non-Ideal Solutions (azeotropic mixtures) 

Many solutions do not behave ideally. They show deviations from Raoult's Law due 
to differences in their molecular structures i.e. size, shape and intermolecular forces. 
Formation of such solutions is accompanied by changes in volume and enthalpy. The vapour 
pressure deviations may be positive or negative in such solutions. 

Azeotropic mixtures are those which boil at constant temperature and distil over 
without change in composition at any temperature like a pure chemical compound Such 
mixtures can not be regarded as chemical compounds as changing the total pressure 
alongwith the boiling point changes their composition. Whereas, for a chemical compound 
the composition remains constant over a range of temperature and pressure. 

'Hie deviations of solutions are of two types: 

(a) Positive deviations 

(b) Negative deviations 


(a) Positive Deviations 

If a graph is plotted between composition and 
vapour pressure of a solution which shows positive 
deviation from Raoult s law, the total vapour pressure curve 
rises to a maximum. The vapour pressure of some of 
solutions are above the vapour pressure of either of the 
pure components. 

Let us consider the mixture of A and B components ; 
at point C in Fig (9.3 ). At the point C Fig (9.3 ), the mixture 
has the highest vapour pressure and, therefore, the lowest 
boiling point. On distilling this type of solution, the first 
fi action will be a constant boiling point mixture i.e. 
azeotropic mixture having a fixed composition 
corresponding to the maximum point. For this type of 



A= 100.0 
B = 0.0 


Composition 


0,0 - A 
100.0 = B 


Fig (9.3 ) Non-ideal solutions and 
azeotropic mixtures for positive 
deviation. 


solution, it is not possible to bring about complete separation of components by fractional 
distillation. Ethanol-water mixture is an example of this type. It boils at 78.1°C with 4 5% 

waterage) 5 % aJC ° h ° L 78-1 ° ,0Wer than the filing P oint of ethanol (78.5°C) and 


Negative Deviations 

For this type of solution, the vapour pressure curve shows a minimum. Let us 
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consider a point Em Fig (9.3). Here, the more volatile component A is in excess. On distilling 
this solution, the vapours will contain more of A and the remaining mixture becomes richer 
m less volatile component B'. Finally, wc reach the point D where vapour pressure is 
minimum and the boiling point is maximum. At this point, the mixture will distill over 
unchanged in composition. 

Therefore, it is not possible to separate this type of solution completely into its 
components. We can give the example of hydrochloric acid solution in water for this type of 
solutions. HC1 forms an azeotropic mixture with water, boiling at 110 n C and containing 
20.24% of the acid. 


9.5 SOLUBILITY AND SOLUBILITY CURVES 

Whenever a solid solute is put in a liquid solvent then the molecules or ions break 
away from the surface of the solid and pass into the solvent. These particles of solid are free 
to diffuse throughout the solvent to give a uniform solution. The solute and solvent 
molecules are constantly moving about in the solution phase because of kinetic energy 
possessed by them. In this way some of the particles of the solute may come back towards 
the solid due to collisions. These molecules or ions are entangled in its crystal lattice and get 
deposited on it. This is called re-crystallization or precipitation. If excess of solid is present 
in the solution then the rate of dissolution and rate of crystallization become equal. This is a 
state of dynamic equilibrium. 

Hie concentration of the solute at equilibrium with the solution is constant for a 
particular solvent and at a fixed temperature. The solution thus obtained is called saturated 

solution of the solid substance and the concentration of this solution is termed as its 
solubility. 

^ ^ 0 Vv 

So the solubility is defined as the concentration of the solute in the solution when it 
is in equilibrium with the solid substance at a particular temperature. Solubility is expressed 
m terms of number of grams of solute in lOOg of solvent. At a particular' temperature, 
saturated solution of NaCl in water at 0"C contains 37.5g of NaCl in lOOg of water. Similarly ' 
the solubility of CuSO, in water at 0°C is 14.3g/100g, while at 100°C it is 75.4g/100g. 
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To determine the solubility of substance, a saturated solution of a solid is prepared at 
a constant temperature. Then this solution is filtered. A known volume of this solution is 
evaporated in a china dish and from the mass of the residue, the solubility can be calculated. 


Solubility Curves 

Temperature has a marked effect on the solubility of many substances. A grafical 
representation between temperature and solubility of is solution is called solubility 

There are two types of solubility curves. 


(a) 

(b) 

(a) 


Continuous solubility curves 
Discontinuous solubility curves 


Continuous Solubility Curves 

Continuous solubility curves don't show 
sharp breaks anywhere. According to Fig.(9.4). 
KCIO,, K,Cr 2 0 7 , Pb(NO,)j and CaCL, are showing 
continuous solubility curves. The solubility curves 
of KC1, NaCl and NaNO, give the straight lines. 
NaCl shows a very small change of solubility from 
0°C to 100°C increase of temperature. 

Ce 2 (S0 4 ) a shows the exceptional behaviour 
whose solubility decreases with the increase in 
temperature and becomes constant from 40°C 
onwards. Anyhow, it shows continuous solubility 
curve. 

(b) Discontinuous Solubility Curves 

Sometimes, the solubility curves show 
sudden changes of solubilities and these curves are 
called discontinuous solubility curves. The best 
examples in this reference are Na 2 S0 4 . 10 FLO, 
CaCl.,.6 H,0. Actually, these curves are combination 
of two or more solubility curves. At the break a new 



Fig (9.4) Continuous solubility curves 


4H,0 





40 £0 RO 

Temperature c, C — - 


Fig (9*5) Discontinuous solubility curves 


solid phase appears and another solubility curve of that new phase begins. It is the number of 
molecules of water crystallization which changes and hence solubility changes, Fig (9.5). 

9.5-2^ 'Fractional Cry stallisation 

The curves in Fig (9.4) show that the variation in solubility with temperature is 
different for different substances. For example, the change in solubility in case of KN0.„ is 
very rapid with changing temperature, while -such a change is more gradual in other cases 
like KBr, KC1, alanine, etc. These differences in the behaviour of compounds provide the 
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basis lor fractional crystallisation, which is a technique for the separation of 
impurities from the chemical products. 

By using the method, the impure solute is dissolved in a hot solvent in which the 
desired solute is less soluble than impurities. As the hot solution is cooled, the desired solute 
hemg comparatively less soluble, separates out first from the mixture, leaving impurities 
behind. In this way, pure desired product crystallizes out from the solution. 

9.6 COLLIGATIVE PROPERTIES OF SOLUTIONS 

The colhgative properties are the properties of solution that depend on the number 
of solute and . solvent molecules or ions. Following are colligalive properties of dilute 
solution. 

(i) Lowering of vapour pressure 

(ii) Elevation of boiling point 

(hi) Depression of freezing point 

(iv) Osmotic pressure 

The practical applications of colligative properties are numerous. The study of 
colhgative pioperties has provided us with methods of molecular mass determination and 
has also contributed to the development of solution theory. 

9.6.1 Why Some of the Properties are Called Colligative 

The reason for these properties to be called colligative can be explained by 
considering three solutions. Let us take 6 g of urea, 18 g of glucose and 34.2 g of sucrose and 
dissolve them separately in 1 kg of 11,0. This will produce 0.1 molal solution of each 
substance. Pm e 4,0 has certain value of vapour pressure at a given temperature. In these 
three solutions, the vapour pressures will be lowered. The reason is that the molecules of a 
solute present upon the surface of a solution decrease the evaporating capability. Apparently, 
it seems that sucrose solution should show the maximum lowering of vapour pressure while 
urea should have the minimum lowering of vapour pressure. The reality is that the lowering 
ot \apuur pressure in all these solutions will be same at a given temperature. Actually, the 
number of particles of the solute in all the solutions arc equal. We have added l/10' h of 
Avogadro's number of particles (6.02 xlO"). The lowering of vapour pressure depends upon 
ue number of solute particles and not upon their molar mass and structures. Well, it should 
be kept in mind that these three solutes are non-volatile and non-electrolyte. 

The boiling points of these solutions are higher than that of pure solvent. It is 
observed that the boiling point elevation of these three solutions is 0.052 "C. Similarly 
freezing points will be depressed for these solutions and the value of depression in these 
tfiiee cases is 0.186°C. The reason again is that the elevation of boiling point and the 
depression of freezing point depend upon number of particles of solute. 

Now, let us deduce the values of elevation of the boiling point and the depression of 
Lhe freezing point of water for 1 molal solutions. For that purpose, try to dissolve 60 g of urea, 
180 g of glucose and 342 g of sugar separately in 1 kg of water. If, it isjJOssibfethen the 
elevation of boiling point and depression of freezing point of water will be 0.52 °C and 1.86 C, 
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respectively. All the three solutions will boil at 100.52 °C and freeze at -1.86 “C. 
These values of elevation of boiling point and depression of freezing point are called molal 
boiling point constants and molal freezing point constants of H,0 denoted by K h and K, , 
respectively. These are also named as ebullioscopic and cryoscopic constants, respectively 
These constants depend upon the nature of solvent and not upon the nature of solute" 
Following Table (9.3) give the values of K b and K, for some common solvents. 

Table (9.3) ly, and K f values for some solvents 


Solvent 

B.E(°C) 

K t (“C/mj 

EP(°C) 

K,(°C/m) 

H*0 

100 

0.52 

0 

1.86 

Ether 

34.4 

2.16 

-116.3 

1.79 

Acetic acid 

118 

3.07 

17 

3.90 

Ethanol 

79 

1.75 

-114.5 

1.99 

Benzene 

80 

2.70 

5.5 

5.10 


To observe the colligative properties, following condition should be fulfilled by the 
solutions. 


(i) 


Solution should be dilute 
Sol ute should be non-volatile 
(iii) Solute should be non -electrolyte 




t.m; solute snould he non -electrolyte e.P.e'O 0 

Now, let us discuss these colligative properties one bv one. (We will not discuss 
osmotic pressure over here) 


9.6.2 Lowering of Vapour Pressure 

1 he particles can escape from all over the surface of a pure solvent Fig. (9.6a) When 
the solvent is containing dissolved non-volatile solute particles, the escaping tendency of 

so vent particles from the surface of the solution decreases and its vapour pressure is 
lowered Fig (9.6 b) 


r ** * * * * * 

t if ' ti t 

ff ^ 

( 3 ) 


*.I t 


#*r ****#*> 



e Solvent particle 
* Solute particle 

! _ rMS> *V 


Fig (9.6) Lowering of vapour pressure 
A quantitative relationship between the change of vapour pressure of a solvent due 
to addition ot non-volatile and non-electrolyte solute and the mole fraction of solute has been 
given by Raoult. 

According to equation (3), Raoult says that relative lowering of vapour pressure is 
equal to the mole fraction of solute. 
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For a dilute solution, n, can be ignored in denominator 


Hence, 


Ap __ria 

P° ~ n, 




I he number of moles of solute and solvent are obtained by dividing their masses in 
grams with their respective relative molecular masses. If W, and W, are the masses of 
solvent and solute while M, and M, are their relative molecular masses' receptively, then 



The molecular mass (M 2 ) of a non-volatile solute can be calculated from the equation (6). 


Example 10: 

Pure benzene has a vapour pressure of 122.0 torr at 32 C C. When 20g of a non- volatile 
solute were dissolved in 300g of benzene, a vapour pressure of 120 torr was observed. 
Calculate the molecular mass of the solute. The molecular mass of benzene being 78.1. 


Solution 

Let the molecular mass of the soluLe be 
Mass of solute dissolved (WJ 
Vapour pressure of pure solvent (p°) 
Vapour pressure of solution (p) 
Lowering of vapour pressure (Ap) 

Mass of solvent (W) 

Molar mass of solvent (M,) 


= M a 

- 20 g 
= 122.0 torr 
= 120.0 torr 

- 122.0 - 120.0 - 2.0 torr 

= 300 g 

- 78.1 
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Formula applied 

Ap 

W 2 

Mj 



M,, = 

= M, X 

/r 

W l 

W, M 1 


Putting the values 

* 2 

Ap 

w, 



M, 


122.0 20x78.1 

2.0 X 300 


317.6 g mol 1 


Answer 


9.fi.3 Elevation of Boiling Point 

The presence of a non-volatile solute in the solution decreases the vapour pressure 
of the solvent. Greater, the concentration of solute, greater will be the lowering of vapour 
pressure. Therefore, the temperature at which a solvent in the solution state boils is 
increased. 


In order to understand it, determine the 
vapour pressures of a solvent at various 
temperatures. Plot a graph between temperatures 
on x-axis and vapour pressures on y-axis. A rising 
curve is obtained with the increase of temperature. 
The slope of the curve at high temperature is 
greater, which shows that at high temperature the 
vapour pressure increases more rapidly. 
Temperature T, on the curve AB which is for the 
pure solvent, corresponds to the boiling point of 
the solvent. The solvent boils when its vapour 
pressure becomes equal to the external pressure 
represented by p°. 



External prsssu re £ 
Pure solvent S * 


Elevation of bailing 
temperature 


Solution 


Boiling lomporatyr: 
a I solvent \ 


Fig (9.7) Elevation of boiling 
temperature curve 


When the solute is added in the solvent and vapour pressures are plotted vs 
temperatures, then a curve CD is obtained. This curve is lower than the curve AB because 
vapour pressures of solution are less than those of pure solvent. Solution will boil at higher 
temperature T, to equalize its pressure to p°. The di ff erence of two boiling points gives the 
elevation of the boiling point AT b . 

The higher the concentration of solute, the greater will be the lowering in vapour 
pressurc of solution and hence higher will be its boiling point. So, elevation of boiling point 


MV 


<=>-Y 


AT b is directly proportional to the molality of solution. 

. (7) 

AT„ = Kh m (8) 

Where K b is called the ebullioscopic constant or molal boiling point constant. 
According to equation (8), molality of any solute determines the elevation of boiling 
point of a solvent. You may dissolve 6 g of urea in 500 g of H,0 or 18 g of glucose in 500 g of 
H,0 both give 0.2 molal solution and both have same elevation of boiling points i.e. 0.1°C, 
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which is 1/5 th of 0.52 U C. We say that AT b (notT) is acolligative property. 

We know ‘felt M a5a of solute : 1 

0 2 1 ' ' Molar mass of solute Mass of solvent in kg 
W a 1 _ 1000 W, 

or m M, W,/1000 ' M, W J 

Putting the value of m from equation (9) into equation (8) 

AT, = K, 1000 . W , (10) 

Rearranging equation (10) 

Molecular mass (M a ) — j ' x yy 3 x 1000 (11) 

Equation (11) can be used to determine the molar mass of a non-volatile and non- 
electrolyte solute in a volatile solvent. 


9.6.4 Measurement of Boiling Point Elevation: Landsberger's Method 

This is one of the best methods for the measurement of boiling point elevation of a 
solution. The apparatus consists of four major parts. 

(a) 




(b) 


(0 


(d) 


Ail inner tube with a hole in its side. This tube is graduated, wcpY 5 
A boiling flask which sends the solvent vapours into the graduated 
tube through a rosehcad. 

An outer tube, which receives hot solvent vapours coming from the side 
hole of the inner tube. 


Solvent Vapours 


Beckmann 

thnFmDrnfitnr 


A thermometer which can read 
up to 0.01K. 

The solvent is placed in the inner tube. 

Some solvent is also taken in a separate flask and 
its vapours are sent into this tube. These vapours 
cause the solvent in the tube to boil by its latent 
heat of condensation. This temperature is noted 
which is the boiling point of the pure solvent. 

The supply of the vapours is temporarily 
cut off and a weighed pellet of the solute is 
dropped in the inner tube. The vapours of the 

solvent are again passed through it until the F .g M Undsberger method for 

solution is boiled. This temperature is again measurement of elevation 

noted. Fig (9.8). of boiling point 

Now, the supply of the solvent vapours is cut off. The thermometer and the rosehcad 
are removed and the volume of the solution is measured. The difference of the two boiling 
points gives the value of AT b , The following formula is used to calculate the molecular mass 
of solute. 
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vr 

K h 1000 W, 

M, - "Tt" - w J 
AT b W, 




e 


(ID 




$ 




The boiling point of water is 99.72b °C. To a sample of 600g of water are added 24.0 g 
of a solute having molecular mass of 58 g mol' 1 , to form a solution. Calculate the boiling point 
of the solution. 


Solution 

Boiling point of pure 1 1,0 
Mass of solvent (H,0) W, 

Mass of solute (W0 
Molar mass of solute (M,) 

Themolal boiling point constant of H,0 (K„) 
Formula 

jr 1000W, 
A 1 b = K, x |L 

W, x M 2 


- 99.725 °C 

= 600 g 

- 24.00 g 

- 58 g mol" 1 
= 0.52 °C 


0.52 x 10 0 0 x 24.00 
600 x 58 


= 0.358 “C 


P.e'o 0 




»Y> 


Boiling point of solution = boiling point of pur e solvent + e levation ofboiiing point 

- 99.725 + 0.358 = 1100.083 "Cl Answer 



9.6.5 Depression of the Freezing Point of a Solvent by a Solute 

The' freezing point of a substance is the temperature at which the solid and liquid 
phases of the substance co-exist. Freezing point is also defined as that temperature at which 
its solid and liquid phases have the same vapour pressures. When a non-volatile solute is 
added to a solvent, its vapour pressure is decreased. 

At the freezing point, there are two things in the 
vessel i.e. liquid solution and the solid solvent. The 
solution will freeze at that temperature at which the 
vapour pressures of both liquid solution and solid 
solvent are same. It means that a solution should 
freeze at lower temperature than pure solvent. 

In order to understand it, plot a graph 
between vapour pressure temperature for pure 
solvent and that of solution. The curve ABC is for the 
pure solvent. The solvent freezes at temperature T, 
corresponding to the point B when the vapour 
pressure of freezing solvent isp°. The portion of the 


Fig (9.9) Depression of freezing 
point curve 


curve BC is for the solid solvent. This portion has a greater slope showing that the change of 
vapour pressure with the change of temperature is more rapid* Fig (9.9) 
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The curve DEC for the solution will meet the curve BC at the point E. This is the 
freezing point of solution T.„ and corresponds to the vapour pressure p which is lower than 
p°. 'Hie reason is that vapour pressure of solution is less than the pure solvent. 

Depression of freezing point = freezing point of pure solvent - freezing point of 
solution. 

So, AT, = Tj - T, 

This depression in freezing point AT, , is related to the molality (m) of the solution. 
The relationship is similar to that of elevation of the boiling point. 

AT, cc m 

AT, = K,m (12) 

K, is called the molal freezing point constant or the cryoscopic constant and m is the 
molality of the solution, lb get the final expression, let us put the following expression (9) of 
molality into the equation (12) i.e. 


m - ■ 


1000W, 


We get 


>x>° 




•9 




AT,= K, 


M 2 xW, 

1000W.. 

MxW, 


(9) 


.e'o' 






Where W.,- mass of solute and M 2 = molar mass of the solute, W, = mass of solvent in kg 
Rearranging equation (13) 


„ , , . . K, 1000 W, 

Molar mass of solute (M,) - — ~ — — — - 

A 1 ^ W j 


9.6.6 Measurement of Freezing Point Depression 
Beckmann s Freezing Point Apparatus: 

There are many methods but Beckmann’s method is easy to perforin. 
The apparatus consists of three major parts. 

Fig.(9.10). 

A freezing tube with a side arm. It contains 
solvent or solution and is fitted with a stirrer 
and a Beckmann's thermometer, 

.An outer larger tube into which the freezing 
tube is adjusted. The air jacket in between 
these tuhes help to achieve a slower and 
more uniform rate of cooling. 

A large jar containing a freezing mixture. 

Around 20 to25g of the solvent is taken in the 
freezing tube. The bulb of the thermometer, 
is immersed in the solvent. First of all, 


(14) 


a. 


b. 





Fig (9.10) Beckmann's freezing 
point apparatus 


274 





Chemistry XI 


approximate freezing point of the solvent is measured by directly cooling the 
freezing point tube in the freezing mixture. 

The freezing tube is then put in the air jacket and cooled slowly. In this way, accurate 
freezing point of the solvent is determined. Now, the solvent is re-melted by removing the 
tube from the bath and weighed amount of 0.2 to 0.3 g of the solute is introduced in the side 
tube. The freezing point of the solution is determined while stirring the solution. The 
difference of the two freezing points gives the value of AT, and the following formula is used 
to calculate the molar mass of solute. 


M, = 


K, 1000 W, 


AT, W, 


(14). 


Example 12: 

The freezing point of pure camphor is 178.4X. Find the freezing point of a solution 
containing 2.0 g of a non-volatile compound, having molecular mass 140. in 40g of camphor. 
The molal freezing point constant of camphor is 37.7 IJ C kg mol 


Solution: 


oW 




Freezing point of camphor 
Mass of solute (W,) 

Mass of solvent (W ; ) 
Molar mass of solute (M,) 


- 178.4X 

= 2.00 g 

- 40g 
= 140 



to 0 ' 


oVS* 




Molal freezing point constant of solvent = 37.7° C kg mol \ 
Freezing point of solution -? 

Applying the equation 

AT, = K f 


1000W, 


W, x M, 

We have to calculate, the freezing point of solution, so first wc get the depression in 
freezing point AT, then subtract it from freezing point of pure solvent. 


AT, = 


37.7 x 1000 x 2 


= 13.46 °C 


40 x 140 

Freezing point of solution - 178.4 - 13.46 = |164,94°C [ Answer 


9.6.7 Applications of Boiling Point Elevation and Freezing Point 
Depression Phenomena _v\Cto^ 

Apart from the molecular mass determination, the presence of a solute increases 
the liquid range of the solution both by raising the boiling point and lowering the freezing 
point, i he most important application of this phenomenon is the use of an antifreeze in the 
radiator of an automobile. The solute is ethylene glycol, which is not only completely 
miscible with water but has a very low vapour pressure and non-volatile in character. When 
mixed with water, it lowers the freezing point as well as raises the boiling point During 


Solutions 


275 


winter it protects a car by preventing the liquid in the radiator from freezing, as water alone, 
if it were used instead. In hot summer, the antifreeze solution also protects the radiator from 
boiling over. 

Another, common application is the use of NaCl or KNO, to lower the melting point 
of ice. One can prepare a freezing mixture for use in an ice cream machine. 


In a solution, the distances between solute and solvent molecules or ions increase 
somewhat as compared with their pure states. This increase in the distance of solvent 
molecules requires energy to overcome the cohesive mtermolecular forces. Hence, it is an 
endothermic process. Similarly, the separation of solute molecules also needs energy so it is 
also an endothermic process. The intermixing of solute with solvent molecules is to 
establish new mtermolecular forces between unlike molecules. It releases energy and thus 
is an exothermic phenomenon. The strengths of the two type of forces will decide whether 
the process of dissolution will be endothermic or exothermic. 

Thus, the process of dissolution occurs with either an absorption or release of 
energy. This is due to breakage and re-establishment of mtermolecular forces of attraction 
between solute and solvent molecules. 

When potassium nitrate is dissolved in water, the temperature of the solution 
deu eases. It shows it to be an endothermic process. 1 he solution of lithium chloride in water 
produces heat, showing that the process of dissolution is exothermic. . plant i; y a hem 

energy, that is absorbed or released when a substance forms solution, is termed as heat of 
solution. 

So, the. enthalpy or heat of solution of a substance is defined as the heat change when 
one mole of the substance is dissolved in a specified number of moles of solvent at a given 

It is given the symbol The AH W]0 gives the difference between the 

energy possessed by the solution after its formation and the original energy of the 


9.7.0 ENERGETICS OF SOLUTION 


components before their mixing i.e. 


Table 19,4) Heats nf solution 
of some ionic solids 



Here, IU, U is the energy content of solution after its 
formation, while H ;tmpiwims represents the energy contents of 
components before their mixing. However, both these factors 
can not actually be measured, only their difference i.e. the 
change AH,,., is practically measurable. It the value of Alibis 
negative, it would mean that the solution is having less 
energy than the components from which it was made, hence 
the dissolution process is an exothermic one. On ll * other 
hand, an endothermic process would have a positive AH ,,,, 
value. In Table (0.4) are given values of heats of solution of 


SubstamV solution 
(kj mol 1 ) 


\ T H,NO, 


NaCl 


KC1 

KI 

NH f Cl 
LiCl 
by CO , 


Heats of 


4.98 

26.0 

17.8 

21.4 

16.2 

- 35.0 

- 12.8 
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different ionic solids in water at infinite dilution. 

The magnitude of heat of solution gives information regarding the strength of 
mtermoleeular forces of attraction between components which mix to form a solution. 

When one mole of sodium chloride (58.5g) is dissolved in 10 moles of water (180gX 
ihen 2.008 kj of energy is absorbed. 

NaCl + 10 H.O — p. NaCI ( 10H,O) AH - + 2.008 kj. 


9*7.1 Hydration Energy of Ions 

When an ionic compound, say potassium iodide is dissolved 


Table (9.5) Hydration 
energies 
of common ions 


in water, the first step, is the separation of K and I' ions from solid. In 
the second step, these separated ions are surrounded by solvent 

Ion 

ar 

{ion mole ') 

molecules. The first step breaks the lattice to separate the ions. 

H + 

-1075 

Since, energy is required to accomplish this step, so this step is 

Li + 

-499 

endothermic. The amount of energy needed to separate a crystalline 

Na' 

-390 

compound into isolated ions (or atoms) is known as lattice energy, 

Ag~ 

-464 

The lattice energy of ionic solids is always higher than molecular 

K 

-305 

solids. 

Mg 1 '* 

-1891 

In the second step, the ions are brought into water and get 

Cu J * 

-1562 

hydrated (solvated) Fig.(9.11). A hydrated ion is attracted by the 

nh; 

-281 

solvent dipoles and energy is released, so this step is exothermic. 

F 

-457 

The energy given out by this step is known as the hydration energy 

cr 

-384 

(or solvation energy ). 

Br‘ 

-351 

K + I + xH^O ► K + (aq) + 1 (aq) 

OH" 

-460 



Fig (9.11) Interaction between water molecules and cations and anions provide the energy necessary 
Lo overcome both the intermolecular forces between water molecules and the ionic bond in a potassium iodide 




Solutions 


The tinal equation will be as follows: 

KI(s) + xHO ► K + (aq) + I'(aq) 

1 he values of hydration energies of individual ions, he. cations and anions are given 
in Table(9.5). It is interesting to compare these values with the ionic radii of the ions. 
Greater the size of monovalent cation, lesser is the heat of hydration. Divalent and trivaient 
cations have higher values due to high charge densities. Anions also show a definite trend of 
heat of hydration, depending upon their sizes. 

On diluting a concentrated solution, there is a further heat change. This heat change 
depends on the amount of water used for dilution. The heat of dilution gradually decreases, 
so that eventually increasing the dilution produces no further heat change. This occurs when 
there are 800-1000 moles of water to one mole of solute. This stage is called infinite dilution 
and the heat of solution is expressed as: 

NaCl (s) + HL.0 ►NaCl(aq)^ Na*(aq)+Ci'(aq) =+ 4.98 kj mol 1 

9.8 HYDRATION AND HYDROLYSIS 

9.8.1 Hydration 

When ionic compounds are dissolved in water, they are dissociated into ions. 
Negative ions are surrounded by water molecules. The partial positively charged hydrogen 
atoms of water surround and attract the anions with electrostatic forces of attraction. 
Similarly positive ions of solute create attractions with partial negative oxygen atoms of 
water molecules. In this way; all the ions in the aqueous solution are hydrated. 

The process in which water molecules surround and interact with solute ions or 
molecules is called hydration. 

The ions, which are surrounded by water molecules, are called hydrated ions. The 
number of water molecules, which surround a given ion depends upon the size of the ions 
and the magnitude of its charge (charge/area). If the size of the ion is small and is highly 
charged positive ion, it has high charge density. I lence, greater niunber of water molecules 
will surround it. Negatively charged ions have low charge density, and have smaller number 
of water molecules surrounding them. Hence, the ion with high charge density has a greater 
ability to attract polar water molecules than ions with smaller charge density. 

9.8.2 Hydrates 

The crystalline substances, which contain chemically combined water in definite 
proportions is called a hydrate. Hydrates are mostly, produced when aqueous solution of 
soluble salt is evaporated. The formation of hydrates is not limited to salts but is common 
with acids, bases and elements. 

Hie water molecules are attached with cations in the hydrates. Anyhow, in 
CuSO,.5H,0, four water molecules, are attached with Cu and one evith SO/ . The reason is 
that Cu* ' lias a greater charge density. The size of Cu 2+ is much smaller than SO/', which has 
same amount of charge . 
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Water <oC Crystallization V-\QVJ 

Those water molecules, which combine with substances as they are crystallized 
from aqueous solutions, are called water molecules of crystallization or water of hydration. 
Some familiar examples are as follows: 

(COQHV .2RO (oxalic acid), BaCL2RO, Na 2 CO TOH O , MgCL. 6RO, Na,B s O ; .10 H.O 
i no rax), CaSO 2 H..0 (gypsum), MgSO.,7H O (epsom salt) and A1C1-,.H TTO. 

9.8.3 Hydrolysis 

When NaCI is dissolved in water, the resulting solution is neutral i.e, 
the concentration of each of H’ and OH ions are equal to 10 M, as in pure water. But this 
balance between H" and OH ions can be disturbed with resulting change in the pH of 
solution when other salts are dissolved in water. 

It is commonly, observed that different salts, upon dissolving in water, do not always 
form neutral solutions. For example, Nil, Cl. AlCfo CuSO, give acidic solutions in water. On 
the other hand, Na.CO. and CHCOONa form basic solutions in water. These interact.]' ms 
between salts a nd water are called hydrolytic reactions and the phenomenon is known as 
hydrolyse It involves the reactions of the ions of different salts to give acidic or basic 
solutions, it is the decomposition of compounds with water, m which water itself is decomposed. 

The hydrolysis of the salts mentioned above are shown as follows: 

NR. Cl f H,0 =3=^ NH.OH + H* + Cl 

Al C! + 3 H.O I A1 (OH)., + 3H + 3C1 
CuSO, + 2 H.O Cu (OH), 4- 2H + + SO* 

These hydrolytic reactions, produc 1 weak bases Al(OH),, NH.OH and Cut OHO 
But, Cl and SO," ate weak conjugate bases - f HC3 and II 2 S0 4 . They are not hydrolysed in 
water. H ions remain free in solution and so their solution are acidic in character. 

The K values of HC! and H 2 SO [ arc very high as compared to K., values of 
Al(OH)„ NH<OH and Cu(OH) „ 

For CH COONa the reaction with water is 

CIFCOONa + H a O CR.COOH + NV + OH 

The acetate ion is hydrolyzed in water to give CH 3 COO H and OH becomes free. Na ' 
is not hydrolysed. The result is that the solution becomes basic in nature. Similarly, Na :i P0 41 
Na : .AsO, etc give basic solutions in water due to the formation of a Na ' ,OH and weak acids 
H,PO. and H,As0 4 , which are least dissociated. 

1 he dissolution of KC1, Na.bO,, KBr, etc in water give neutral solutions. Because 
these salts are not hydrolysed in water. 'Their positive ions K \ Na' are not hydrolysed by- 
water. Similarly, their negative ions Cl , Br . SO are also not hydrolysed. It means that the 
S:\ltS, of Strong bases and strong acids are not hydrolysed by water. 

Anyhow, the salts derived from weak acids and weak bases may not give neutral 
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solutions* It depends upon the pK, and pK b values of acid and base produced 

w key points 

1 . A solution* on average, is a homogeneous mixture of two or more kinds uf 
different molecular or ionic substances. The substance* which is present in a large 
quantity is called a solvent and the other in small quantity is, called a 
solute. 

2. Solutions containing relatively lower concentrations cl solute are called 
dilute solutions, whereas those containing relatively higher concentrations of 
solutes are called concentrated solutions. Solubility is the concentration of n solute 
in a solution, when the solution is at equilibrium with the solute at a particular 
temperature. 

3. The concentration of a solution may be expressed in a number of ways. 

i) percentage composition, ii) molarity, iff) molality, iv) mole fraction, 
v) parts per million. 

4. Solutions may be ideal or non-ideal* Those solutions, which obey Raoul fs law are 
ideal solutions. Raoult’s law tells us that the lowering of vapour pressure of a solvent 
by a solute, at a constant temperature, is directly proportional to the concentration of 
solute, 

5. Many solutions do not behave ideally as they show deviations from Raoult's 
law, A solution may show positive or negative deviation from Raoulls law: 
Such liquid mixtures, which distill without change in composition, are called 
a zeotropic mixtures, 

6 Colligative properties of a solution are those properties, which depend on the 
number of solute and solvent molecules or ions and are independent of the nature of 
solute. Lowering of vapour pressure, elevation of boiling point and depression of 
freezing point and osmotic pressure are the important colligative properties of 
solutions* 

7, Elevation of boiling point of a solvent in one molal solution is called molal 
boiling point constant or ebullioscopic constant. Depression of freezing point of a 
solvent in one molal solution is called molal freezing point constant or crvoscopic 
constant. 

8, The enthalpy or heat of solution of a substance is the heat change when one 
mole of the substance is dissolved in a specified number of moles of solvent at a 
given temperature. 

9, The process in which water molecules surround and interact with solute ions or 
molecules is called hydration. The crystalline substances, which contain 
molecules of water in their crystal lattices, are called hydrates. They are mostly 
produced, when aqueous solutions of soluble salts are evaporated. 

Salts of weak acids with strong bases react with water to produce basic 
solutions, whereas salts of weak bases with strong acids react to give acidic 


10 , 


2H0 


Che. itryXI 


solution 



Ql. 

i) 

ii) 


— 

;ions are called hydrolytic reactions, and the salts are said to be 
Salts of strong acids and strong bases do not hydrolyse and 
neutral solution. 

EXERCISE 

Choose the correct answer for the given ones. 

Molarity of pure water is 

(a) 1 (b) 18 c) 55.5 (d) 6 

18 g glucose is dissolved in 90 g of water. The relative lowering of vapour pressure is 
equal to 


(a) ~ (b) 5.1 


(c) — 
v ' 51 


(d) 6 


hi) 

iv) 


,oVS- 


(vi) 


fvii) 

(viii) 


A solution uf glucose is 10% w/v. The volume in wliich 1 g mole of it is dissolved will be 

(a) 1dm' (b) 1.8dm : (c) 200 cm* (d) 900 cm 

An aqueous solution of ethanol in water may have vapour pressure 

equal to that of water (b) equal to that of ethanol- 

(c) more than that of water (d) less than that of water 

An azeotropic mixture of two liquids boils at a lower temperature than either of them 
when: 

(a) it is saturated 

(b) it shows positive devotion fn u n Raoult's law 

(c) it shows negative deviation ft om Raoult's law 

(d) it is metastabie 

In azeotropic mixture showing posit A : deviation from Raoult's law, the volume of 
the mixture is 

(a) slightly more than the total \ nlume of the components 

(b) slightly less than the total volume of the components 

(c) equal to the total v olume of the components 

(d) none of these 

Which of the following solutions has the highest boiling point? 

(a) 5.85 % solution of sodium chloride (b) 18.0 % solution of glucose 
(c) 6.0 % solution of urea (d) All have the same boiling point 

Two solutions of NaCI and KC1 are prepared separately by dissolving 

Same amount of the solute in water. Which of the following statements is true for 
these solutions? 

(a) KC1 solution will have higher boiling point than NaCI solution 

(b) Both the solutions have different boiling points 

(c) KC1 and NaCI solutions possess same vapour pressure 

(d) KC1 solution possesses lower freezing point than NaCI solution 


Solutions 
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(ix) 

(x) 


Q2. 

(i) 

(ii) 

(iii) 

(iv) 
(V) 


(vii) 

(viii) 

(ix) 

(x) 

Q3. 

(i) 

(ii) 

(iii) 


The molal boiling point constant is the ratio of the elevation in boiling point to 
(a) molarity (b) molality ^ \y° 

(c) mole fraction of solvent (d) mole fraction of solute 

Colligative properties are the properties of 

(a) dilute solutions which behave as nearly ideal solutions 

(b) concentrated solutions which behave as nearly non-ideal solutions 

c) both (i) and (ii) 

d) neither (i) nor (ii) 

Fill in the blanks with suitable words 

Number of molecules of sugar in 1 dm * of 1 M sugar solution is . 

100 g of a 10% aqueous solut ion of NaOI I contains lOgofNaOH in g of water. 

When an azeotropic mixture is distilled, its remains constant. 

The molal freezing point constant is also known as constant. 


S# 




The boiling point of an azeotropic solution of two liquids is lower than either of them 

because the solution shows from Raoult's law. 

(vi) Among equimolal aqueous solutions of NaCi, BaCL and FeCl a , the maximum 


solution. 


depression in freezing point is shown by 

A solution of ethanol in water shows 

solution with boiling point than other components. 


\/ 


deviations and gives azeotropic 


Colligative properties are used to calculate 
The hydration energy of Rr' ion is ______ 


of a compound. 


than that of F" ion. 

The acqueous solution ofNH,Cl is whi le that of Na.SO,, is 


Indicate True or False from the given statements 

At a definite temperature the amount of a solute in a given saturated solution is fixed. 
Polar solvents readily dissolve non-polar covalent compounds. 

The solubility of a substance decreases with increase in temperature, if the heat of 
a solution is negative. 

(iv) The rate of evaporation of a liquid is inversely proportional to the intermolecular 
forces of attraction. 

(v) The molecular mass of an electrolyte determined hy lowering of vapour pressure 
is less than the theoretical molecular mass. 

(vi) Boiling point elevation is directly proportional to the molality of the solution and 
inversely proportional to boiling point of solvent. 

(vii) All solutions containing lg of non-volatile non-electrolyte solutes in some 
solvent will have the same freezing point. 

(viii) The freezing point of a 0,05 molal solution of a non-volatile non-electrolyte in water 
is -0.93 °C. 

(ix) Hydration and hydrolysis are different process for Na ,SO + . 

(x) The hydration energy of an ion only depends upon its charge. 

Q4. Define and explain the followings with one example in each case. 

(a) A homogeneous phase (0 Zeotropic solutions 

(b) A concentrated solution (g) Heat of hydration 
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Q5. 


Q6. 

(i) 

(ii) 


(c) A solution of solid in a solid (h) Water of crystallization 

( d) A consulate temperature fi) Azeotropic solution 

(e) A non -ideal solution (j) Conjugate solution 

(af 11 hat at e the concentration units of solutions. Compare molar and 
molal solutions 

(b) ( >ne lias one molal solution ofNaCl and one molal solution of giu cose. 

(i) Which solution has greater number of particles of solute? 

(ii.) Which solution has greater amount of the solvent? 

(m) How do we convert these concentrations into weigh! by 
weight percentage? 

Explain the following with reasons 

The concentration in tei ms of molality is independent of temperature but molarity 
depends upon temperature. 

The sum of me . u actions of all the components is always equal to unity for any 
solution. 


iii) 100 g of 98% R.SU has a volume of 54.34 cm" qf H.SQ, .(Density = 1 ,84 g cm‘ a ) 

iv) Relative lowering of vapour pressure is independent of the temperature. 

v) Colligative properties are obeyed when the solute is non -electrolyte, 
and also when the solutionsare dilute. 

vi) The total volume of the solution by mixing 100 cm 3 of water with 100 cm' of 
alcohol may not be equal to 200 cm*. Justify it. 

One molal solution of urea. In water is dilute as compared to one molar 
solution of ur ea, but the number of particles of the solute is same. Justify it. 
viii) Non-ideal solutions do not obey the Raoult's law, 

Qi. What are non ideal solutions? Discuss their types and give three example of each 
QS.(a) Explain fractional distillation. Justify the two curves when composition is 
plotted against boiling point of solutions. 

I he solutions showing positive and negative deviations cannot be fractionally 
distilled at their specific compositions. Explain it. 

Q9 (a) What are azeotre >pic mixtures? Explain them with the help of graphs? 

(b ) Explain the effect of temperature on phenol-water system. 

Q10.(a) What are colligative properties? Why are they called so? 

(b) What i s the physical significance of K, and K, values of solvents? 

Qll. How do you explain that the lowering of vapour pressure is a colligative property? 

How do we measure the molar mass of a non volatile, non- electrolyte solute in a 
volatile solvent? 

Q12. How do you justify that 

boding points of t he solvents increase due to the presence of solutes. 

freezing points arc depressed due to the presence of solutes. 

the boiling point of one molal urea solution is 100.52 ' J Cbut the boiling point of two 

molal urea solution is less than 101.( >4"C . 


(d) Beckmann's thermometer is used to note the depression in freezing point. 


Solutions 
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(e) in summer the antifreeze solutions protect the liquid of the radiator from boiling ovei 

(0 NaCl and KNO, are used to lower the melting point of ice. 

Q13. What is Raoult's law. Give its three statements. How this law can help us to 
understand the ideality of a solution. 

Q 14. Give graphical explanation for elevation ofboiling point ofasolution. 

Describe one method to determine the boiling point elevation of a solution. 

Q 15. Freezing points of solutions are depressed when non-volatile solutes are present in 
volatile solvents, justify it. Plot a graph to elaborate your answer. Also, give one 
method to record the depression of freezing point of a solution. 

Q16. Discuss the energetics of solution. Justify the heats of solutions as exothermic and 
end( ithermic properties. 

Q17.(a) Calculate the molarity of glucose solution when 9 g of it are dissolved in 250 
cm* of solution. (Ans: 0.2 moles dm * ) 

(b) Calculate the mass of urea in 100 g of H.,0 in 0.3 molal solution. {Ans: l.Sg) 

(c) Calculate the concentration of a solution in terms of molality kg 1 , which is obtained 
by mixing 250 g of 20% solution of NaCl with 200 g of 40 % solution of NaCl. 

(Ans: 6.94m) 

Q18.(a) Ai. aqueous solution of sucrose has been labeled as 1 molal. Find the mole fraction of 
the solute and the solvent. (Ans: 0.0176, 0.9823) 

'b> You are provided with 80% H.SCF w/w having density 1.8 g cm' 3 . How 
muen volume of this H a SO+* sample is required to obtain one dm 3 of 20% w/w 
H 2 SQ 4 , which has a density of 1.25 g cm' 3 . tAns: 173.5cm j 

c) 19. 250 cm ’ of 0.2 molar K ,S0 4 solution is mixed with 250 cm* of 0.2 molar KC1 solution. 

Calculate the molar concentration of K + ions in the solution. (Ans: 0.3 molar) 

Q20. 5 g of NaCl are dissolved in 1000 g of water. The density of resulting solution is 0.997 

g/cm J . Calculate molality, molarity and mole fraction of this solution. Assume that 
the volume of the solution is equal to that of solvent. 

(Ans: M = 0.08542, m= 0.0854, Mole fraction of NaCl- 0.00154, Mole fraction of 
R,0 =0.9984.) 

Q21. 4.675g of a compound with empirical formula C H O were dissolved in 212.5 gofpure 

benzene. The freezing point of solution, was found 1.02X less than that of pure 
benzene. The molal freezing point constant of benzene is 5.1 L ’C. Calculate (i) the 
relative molar mass and Cii) the molecular formula of the compound. 

(Ans: llOgmol \ C H ti O,) 

Q22. The boiling point of a solution containing 0.2 g of a substance A in 20.0 g of ether 
(molar mass = 74) is 0.17 K higher than that of pure ether. Calculate the molar mass 
of A. Molal boiling point constant of ether is 2. 16 K. (Ans: 127g mol ') 

Q 23. 3 g of a non-volatile, non -electrolyte solute 'X* are dissolved in 50 g of ether (molar 

mass = 74) at 293 K. The vapour pressure of ether falls from 442 torr to 426 torr 
under these conditions. Calculate the molar mass of solute 'X' . (Ans: 122. 6 g mol' 1 ) 
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ELECTROCHEMISTRY 


INTRODUCTION 

Elocti ochemislry is concerned with the conversion of electrical energy into 
chemical energy in electrolytic cells as well as the conversion of chemical energy into 
electrical energy in galvanic or voltaic cells. 

In an electrolyte cell, a process called electrolysis takes place. In this process 
electricity is passed tlnough a solution or the fused state of electrolyte. The electricity 
provides sufficient energy to cause an otherwise non-spontaneous oxidation-reduction 
reaction to take place. A galvanic cell, on the other hand, provides a source of electricity: This 
source of electricity results from a spontaneous oxidation-reduction reaction taking place in the 
solution. 

First of all, we should learn, the theoretical background of oxidation and reduction 
reaction and try to understand the balancing of equation. 


10.1 OXIDATION STATE AND BALANCING OF REDOX 
EQUATIONS 

10.1.1 Oxidation Number or State 

It is the appai ent charge on an atom of an element in a molecule or an ion. It may be 
positive or negative or zero. 


Rules for Assigning Oxidation Number 

The oxidation number of all elements in the free state is zero. This is often shown as 
a zero written on the symbol. For example, R„ Na, Mg. 

( ii) The oxidation number of an ion, consisting of a single element, is the same as the 
charge on the ion. For example, the oxidation number of K\ Ca 2 \ AT, Br , S 2_ are 
+ 1, +2, +3, -1, -2, respectively. 

(iii) I he oxidation number of hydrogen in all its compounds except metal hydrides is + 1 
In metal hydrides it is -1. (Na + H", Mg 2+ H ? ' w ) 

The oxidation number of oxygen in all its compounds except in peroxides, OF., and 
in super oxides is -2. It is -1 in peroxides and +2 in OF,. 

In neutral molecules, the algebraic sum of the oxidation numbers of all the 
elements is zero. 



(vi) In ions, the algebraic sum of oxidation number equals the charge on the ion. 
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(vii) In any substance the more electronegative atom has the negative oxidation number. 

1 0. 1.2 To Find Oxidation Number of an Element in a Compound or a Radical 
The oxidation number or state of any atom of 3n element present in a compound or a 
radical can be determined by making use of the afore said rules. 


Example 1: 

Calculate the oxidation number (O.N) of manganese in KMnO r 

Solution 

(Oxidation number of K + oxidation number of Mn)+4 (oxidation number ofO) = 0 


Where 

oxidation number of K 

= -4* 1 


oxidation number of 0 

= -2 

Let 

oxidation number of Mn 

= x 

Putting these values in the above equation. 



( + 1) + x + 4[-2] 

- 0 

or 

X 

= +7 


Thus the oxidation state of Mn in KMn0 4 is +7. 

s Example2: 

Calculate the oxidation number (O.N) of sulphur in SO/ . 


e'o 0 


oYS-’P 




Solution 

[oxidation number of Sj + 4[oxidation number of 0] = -2 

x + 4(-2) = -2 

x = +6 

Thus the oxidation number of sulphur in SO/" is +6. 

10.1.3 Balancing of Redox Equations by Oxidation Number Method 

Carry out the following steps for balancing of redox equations by oxidation number 
method. 

(i) Write down the skeleton equation of the redox reaction under consideration. 

(ii) Identify the elements, which undergu a change in their oxidation number 
during the reaction. 

(iii) Record the oxidation number above the symbols of the element, which have 
undergone a change in the oxidation number. 

(iv) Indicate the change in oxidation number by arrows joining the atoms on both sides of 
the equation. It shows number of electrons gained or lost. 

(v) Equate the increase or decrease in the oxidation number, i.e. electrons gained or lost 
by multiplying with a suitable digit. 

(vi) Balance the rest of the equation by inspection method. 
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Example 3: 

Balance the following equation by oxidation number method. 
K,Cr,0 ; + HCl > KC1 + CrCl 3 + Cl + H.O 

Solution: 
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1 . 

2 . 



Let us balance the equation stepwise: 

Write the equation with the oxidation number of each clement 



+ 1 -1 ±3 (JJS £ i -3 

KC1 + CrCl + Cl° + %0 


Identify, those elements whose oxidation numbers have changed, 
equation shows that Cr goes from +6 to +3 and it is reduced. Cl goes from - 1 to zero 
and is oxidized. Moreover, the oxidation number of chlorine remains the same, i . e 
from -1 to -1 when KC1 and CrCl arc produced. So, we should write HCl, twice on the 


left hand side. One of HCl on left side shows those Cl atoms which do not change 
their oxidation numbers Other IIC1 shows those Cl atoms which undergo a change 
in their oxidation numbers. 

. reduction 


P 


HCl + K CrXL + HCl 
* I 


KC1 + CrCl, + Cl + H.0 


(does not change oxidation number) oxidation 


Draw the arrows between the same elements whose oxidation numbers have 
changed. Also, point out the change in oxidation number. Cr has changed its oxidation 
number from +6 to +3 and chlorine has changed from -1 to zero . It means 6 
electrons have been gained by two Cr atoms and 1 electron has been lost by 1 
chlorine atom. 


(-le~) oxidation 

HCl + KX'r/l + HCl KC1 + CrCl, + Cl, + H,0 

I 

2 (4-3e ) = + be reduction 


4. In order to balance the number of electrons lost and gained multiply HCl with six. In 
this way, the 6 electrons lost by 6 Cl" will be gained by 2Cr +l ‘ to give 
-Cr . But do not multiply other HCl molecules with anything at this moment. 

HCl + K 2 CrA + 6HC1 -> KC1 + CrCl, + Cl 3 + RO 

5. Let us, balance Cr atoms by multiplying CrCl. by 2. Balance Cl 2 on right hand 
side, whose oxidation number has changed by multiplying it with 3. In this way, the 
atoms which have been oxidized and reduced get balanced. 

HCl f K,Cr 2 0 7 + 6HC1 KCI + 2CrCl, +3 CL + H,0 

6. To balance K atoms, multiply KCI by 2. 

HCl + KXrA + 6HC1 -> 2KC1 4- 2CrCl t +3 Cl + H,0 

7. Now balance those atoms of chlorine which have not been oxidized or reduced. 
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There are 8 such chlorine atoms on the right hand side with KCI and 2CrCl a . So 
multiply HC1 with eight* This HC1 has produced KC1 and CrCl 

8HC1 4 KXr A + 6HCI -4 2KC1 + 2CrCl a 4 3C1, 4 RO 
8* Balance the rest of the equation by inspection method* To balance O atoms 
multiply FLO with 7* 

8HC1 4 K .Cr .O- 4 6HC1 ^ 2KC1 4 2CrCl 4 3CL t 7H,0 
or 

RCr A 4 14HC1 -4 2KC1 4 2CrCL + 3CL 4 7RO 
This is the final balanced equation. 

1 0 A A Balancing of Redox Equations by Ion-Electron Method 

The balancing of redox equations hv the loss and gain of electrons, usually involves 
quite a few ions, which do not undergo c mngo in valence and which are not really necessary 7 
for the process of balancing. The ion-electron method eliminates all the unnecessary ions 
and retains only those, which are essential Following, are the general rules for balancing the 
redux equations by ion-electron method, 

1 Write a skeleton equation that shows only those substances that are actually 
involved in the reaction. 

2. Split the equation into two half reactions, one showing oxidation half reaction and 
the other reduction half reaction, 

3, The element should not be written as a free atom or ion unless it really exists as such. 
It should be written as a real molecular or ionic species. 

4* Balance each partial equation as to the number ot atoms of each element. In neutral 
or acidic solution, H O or H + ions may be added for balancing oxygen and hydrogen 
atoms. Oxygen atoms are balanced first. If the solution is alkaline, OH” may be used 
for each excess oxygen on one side of the equation. 

5, Balance each half reaction as to the number of charges by adding electrons to either 

the left or the right side of the equation* 

6 Multiply each half reaction by a number chosen so fell the total number of elections lost 
by tiie reducing agent equals the number of electrons gained by the oxidizing agent . 

7. Add the two half reactions. Count the number of atoms of each element on 
each side of the equation and also check the net charge on each side, which 
should be equal on both sides. 

Balancing of redox equations by ion-electron method, making use of the above rules* 
There are two types of such reactions le* in acidic medium and basic medium. Now, let us 
discuss one example of each* 

Example 4: (acidic medium) 

Balance the equation for the reaction of HC1 with KMnO , where Cl" is oxidized to CL> 
and Mn0 4 is reduced to Mn : . The skeleton equation which does not contain either H + or 

H a O f is 


2 ®® Chemistry XI 

. p.Q X CT + MnO/ CL + Mn 2+ ^ 

Solution It is clear that Cl is oxidized to Cl, and MnO, reduces to Mn 2+ 

Splitting the equation into half-reactions, 

Oxidation half reaction 

cr -*• ci 2 

Reduction half reaction 

MnO/— > Mn" + 

Balancing atoms on both sides of oxidation half reaction. 

2Cr -> Cl, (1) 

Now, balance the reduction half reaction, To balance O-atoms, add 4H„0 on R.H.S. 
and to balance H-atoms add 81 1 on L.H.S. The reason is that media is acidic. 

8H + + MnO/ -» Mn 2+ + 4H,0 (2) 

Balancing the charges by adding electrons in equation (l)and (2), we get (3) and (4). 

2CT > Cl, +2e‘ (3) 

8fT + Mn0 4 + 5e Mn 2+ + 4H„0 (4) 

Tor making the number of electrons lost m first equation equal to the number 
of electron gained in the second equation, multiply the first equation by 5 and second by 2. 
After adding both equations and cancel ling the common species on both sides, balanced 
equation is obtained. 

[2C1 -»■ Cl z +2e']x5 

[5e+8H' + Mn0, -> Mm + +4H,Q]x2 

IOC! +16IT + 2 MnO/ 5C1, + 2Mn ' + 8 H 2 0 


Example 5: (basic medium) 

Balance the following equation in basic aqueous solution by ion-electron method. 
MnO/aq) + C a 0 4 * (aq) + H,0 ► MnO,(s) + CO ; ,(g) + OH(aq) 

Solution 

The following steps arc involved in balancing of equation in basic aqueous solution 
by ion-electron method. 

(i) Identify those elements, which undergo change in oxidation number by writing 
number above each element. 

-2+m 


+?V g f+312-fi +2-2 

(MnO,) 1 " + (C^OJ 2 : H,0 


+4 -4 +4 -4 


(MnUJ' + (C 2 OJ“ H,0 ► MnO, + CO., + (OH) 1 ' 

The elements undergoing a change in oxidation number are Mu and C. 

(ii) Split the reaction into two half reactions, the oxidation and reduction half reactions. 

0,0/ *■ CO, (oxidation half reaction) 

MnO/ ► MnO, (reduction half reaction) 
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Balancing of Oxidation Half Reaction: 

cxv > CO, 

Balancing the C atoms in both sides of the half reaction. 

CA' 2 ► 2C0, 

Balancing the charges on both sides of the half reaction by adding the appropriate number of 
electrons to the more position side. 

CA 2 ► 2CA + 2e (1) 

The oxidation half reaction is balanced. 

Balancing of Reduction Half Reaction: 

MnO/ ► MnO, 

Balance in O-atoms by adding OH ions on the side needing the oxygen. Add two OH' 
ions for each oxygen atom needed. So, we have to add 40H on R.II.S: 

MnO/ * MnO, + 40H 

Balance the hydrogen, by adding H,0 on the other side of the half reaction. Add one 
H,0 for each two OH ion. In this way, oxygen and hydrogen atoms are balanced. 

2H s O + MnO/ ► MnO, + 40H 

Balance the charges by adding three electrons toL.H.S. of equation 

3e + 2H,0 + MnO, ► MnO, + 4011 (2) 

The reduction half reaction is balanced. 

(iii) Multiply each half reaction by an appropriate number, so that the number of electrons 
on both the half reactions becomes equal. For this purpose, multiply the oxidation half 
reaction by 3 and the reduction half reaction by 2. 

3CA' 2 -*>6(A + 6e (3) 

2x[3e' + 2H,0 + MnO/ — ► MnO, + 40H] 

6e +4H 2 0 + 2MnO, ►2MnO, + 80H' 

(iv) Add the two half-reactions to get the net ionic equation and cancel out anything 
appearing on both sides of the equation. For this purpose, add equation and equation (4) . 

3CA'- ►6C0 2 + 6e 

6e 4- 4H.0 + 2MnO/ »-2MnO, + 80IT 

3CA* + 4H ? 0 + 2MnO/— »bCO, -I- 2MnO + 80H 
Hence, the balance ionic equation is 

2MnO/(aq) + 3CA* + 4H ; 0 * 2MnO*(s> + 6C04g) + 80H(aq) 

10.2.QELECTROLYTIC CONDUCTION 

We know, that most metals are conductors of electricity because of the relatively free 
movement of their electrons throughout the metallic lattice. This electronic conduction is 
simply called metallic conduction. 

Electrolytes in the form of solution or in the fused state have the ability to conduct 
electricity. In this case, the current is not carried by free electrons through the solution or 
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through the fused electrolyte. Here, the current is carried by ions having positive and 
negative charges. These ions are produced in the solution or in fused state due to ionization 
of the electrolyte. Ionization is the process in which ionic compounds when fused or 
dissolved in water split up i nto charged particles called ions. 


PbBr, (s) Pb 2+ (aq) + Br (aq) 

NaCl (s) Na + (aq) + Cl' (aq) 

Two electrodes are dipped in the solution of an electrolyte and electrolysis takes 
place. This forms an electrolytic cellAn electrolytic cell is an electrochemical cell in which 
electric current' is used to drive a non-spontaneous reaction. When a non-spontaneous 
reaction takes place at the expense of electrical energy, the process is called electrolysis. 
During this non-spontaneous reaction, the substances are deposited at re c £ ective electrodes 
and electrolyte is decomposed. Examples of electrolytic cells are Down's cell and Nelson's 
cell, etc. 


10.2.1 ELECTROCHEMICAL CELLS 

10.2.2 Electrolytic Cells. 

Look at the arrangement as shown in Fig. (10.1). It represents, an electrolytic cell. 
The electrolyte is consisted of a positive and negative ions which are free to move in the 
solution. When a direct current (D.C) source is connected to the electrodes of the cell 
containing positive and negative ions of the electrolyte, each electrode acquires an electric 
charge. Thus, when an electric potential is 
applied, the positive ions migrate towards the 
negative electrode, called cathode and the 
negative ions move towards the positive 
electrode, called the anode. This movement 
of ionic charges through the liquid brought by 
the application of electricity is called 
electrolytic conduction and the apparatus 
used is known as electrolytic cell. 

When electrolytic conduction occurs, 
electrochemical reactions takes place. The 
ions in the liquid come in contact with the 
electrodes. At the anode the negative ions 
give up electrons and are, therefore, oxidized. At the cathode the positive ions pick up 
electrons and are reduced. Thus during electrolytic conduction, oxidation lakes place at 
the anode and the reduction takes place at the cathode. The liquid will continue to conduct 
electricity only as long as oxidation-reduction reactions, occurring at the electrodes, 


Etectraffs DC 


Oxtdation fkhw 
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\ * The electrochemical reactions 
that occur at the electrodes during the 
electrolytic conduction constitute the 
phenomenon of electrolysis. 

When a molten salt is 
electrolyzed, the products are 
predictable. When an aqueous solution of 
a salt is electrolyzed, hydrogen and 
oxygen appear at the cathode and anode, 
respectively in certain cases. The 
products formed from a few electrolytes are 
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Table (10.1a) Products of electrolysis 

(using inert electrodes of platinum or graphite) 


Electrolyte 

Cathode 

Anode 

FbBr^cmi iUcti) 
NaCl (molten) 
NaCl (aq) 
CiiCL(aq) 
CuSO;(aq) 
KN(\(aq) 
NaOII(aq) 
ItfS0 4 (aq) 

Pb(s) 
Na(s) 
H.(g) 
Cu(s) 
Cu (s) 
H. (g) 
H.,(g) 
H 3 (g) 

Br 2 (g) 
El 2 (g) 
Cl,(g) 
Cl 2 (g) 
Orig) 

0, (g) 

Ch(g) 

OM 


shown in Table (10.1). 


Table (10.1b) Products of electrolysis 


V. WUCtl 1 CIC 

Electrolyte 

l uikc pan. 

Copper cathode 

m me reaction ) 

Copper anode 

CuSO.,(aq) 

Cu deposits 


Electrolyte 

Silver cath ode 

Silver anode 

AgNO.,(aq)and HNOgaq) 

Ag deposits 

Ag (s) dissolves to form Ag T ions 


oV* 


10.2.3Explanation of Electrolysis 
(a) Fused Salts 

When a fused salt is electrolyzed, the metal ions called cations arrive at the cathode 
which bemg negatively, charged supply electrons to them and thus discharge the cations. 

tit anions move towards the anode, give up their electrons and are thus discharged. In the 
case of fused lead chloride, the equations for electrode processes arc given as under. 

At cathode: Pb 2+ (f) + 2e -> Pb (s) (reduction) 

At anode: 2C1 (/ ) — > Cl./g) + 2e" (oxidation) 

So, oxidation happens at anode and reduction at the cathode 
Similarly, for fused NaCl and fused PbBr, the electrolytes are decomposed during 
electrolysis. Fused Pb and Na are deposited at cathode and CL(g) and Br, at anode. 

Electrons flow through the external circuit from anode to cathode. The electric 
current is conducted through the cell by the ions and through the external circuit h v the 
electrons. 


(b) Aqueous Solutions of Salts 

The electrolysis of aqueous solutions is somewhat more complex. Its reason is the 
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ability of water, to be oxidized as well as reduced. Hence, the products of electrolysis are not 
precisely predictable. Some, metal cations are not discharged from their aqueous solutions. 
While, electrolyzing aqueous sodium nitrate(NaN0 3 ) solution, sodium ions present are not 
discharged at the cathode. A small concentration of hydronium and hydroxyl ions arises from 
the dissociation of water: 


NaNO, Na + + NO/ 

2H 2 0 (i) H,0 + (aq) + OH'(aq) 

Hydronium ions accept electrons from the cathode to form hydrogen atoms: 
Atcathode: H 3 CT(aq) + e~ — > H(g) + H,0(f) (reduction) 

Subsequently, hydrogen atoms combine rapidly to form hydrogen molecules at the 
cathode. 


Hfg) + H(g) -> Hj(g) 

So, H, gas evolves at the cathode. 

The concentration of hydronium ions is only 10" moles dm"' 1 in pure water. When 
these are discharged then more are formed by further dissociation of water molecules. This 
gives a continuous supply of such ions to be discharged. Sodium ions remain in solution, 
while hydrogen is evolved at the cathode. Thus, the reduction of the solute cations depends 
on the relative ease of the two competing reactions. 

At the anode, both nitrate and hydroxide ions are present. Hydroxide ions are easier 
to discharge than nitrate ions. Nitrate ions remain in solution while the electrode reaction is: 
Atanode:. OH (aq) -» 0II(aq) + e (oxidation) 

The OH groups combine to give 0, gas at anode. 

40H — > 0,(g) + 2H,0(t) (anode) 


So, 0 3 gas evolves at the anode. 

But, remember that the expected order of the discharge of ions may also depend 
upon their concentrations. 


10.2.4 Electrolysis Processes of Industrial Importance 

Various types of electrolytic ceil are employed on industrial scale. Some of the 
important ones are given here. 

(i) Extraction of sodium by the electrolysis of fused sodium chloride is carried out in 
Down’s cell. In this case, molten sodium chloride is electrolyzed between iron cathode and 
graphite anode. The cell is planted to get sodium metal conunercially chlorine is obtained as 


a by product. 

NaCl(s) 

At cathode 

2Na 1 (() + 2e" 



Na + (0+ Cl (0 


2Na(s) 


(reduction) 


tori' 


At anode 

2Cf (t) 




2C1 (g)+ 2 c (oxidation) 
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Cl(g) + Cl(g) Cl 2 (g) 

By adding the two reactions at anode and cathode, the overall reaction is 
2Na + (0 + 2Cr {t) 2Na° (s) + Cl/ (g) 

(ii) Caustic soda is obtained on industrial scale by the electrolysis of 
concentrated aqueous solution of sodium chloride using titanium anode and 
mercury or steel cathode This electrolysis is carried out in Nelson cell and Castner- 
Kellner cell or Hg- cell. 

NaCl(s) — — Na(aq) + + Cl (aq) 

At anode 

2Cl“(g) -> Cl,(g) +2e (oxidation) 

At cathode 

2H 3 0(f) + 2c —> H, (g) + 20H (aq) (reduction) 

By combining, the electrode reactions and including Na + ions, the over all reaction is 
2Na + (aq)+ 2Cr(aq) + 2H a O(0~>Cl 2 (g) + H, (g) + 2Na T (aq) + 20H (aq) 

Here, chlorine and hydrogen are obtained as by products, and Na + is not discharged 
at cathode. 

(iii) Magnesium and calcium metals are extracted by the electrolysis of their fused 
chlorides. Mg and Ca arc collected at cathodes while Cl 2 at anodes 

(iv) Aluminium is extracted by electrolyzing fused bauxite, AbO^R.O in the 

presence of fused cryolite, Na s AlF B . This process is called Hall-Beroult process. 

(v) Anodized aluminium is prepared by making it an anode in an electrolytic cell 
containing sulphuric acid or chromic acid, which coats a thin layer of oxide on it. The 
aluminium oxide layer resists attack for corrosive agents. The freshly 
anodized aluminium is hydrated and can absorb dyes. 

(vi) Electrolytic cell can also be used for the purification of copper. Impure 

copper is made the anode and a thin sheet of pure copper is made the cathode. Copper 
sulphate solution is used as an electrolyte. The atoms of Cu from impure Cu anode 
are converted to Curious and migrate to cathode which is made up of pure Cu. In 
this way Cu anode is purified. Impurities are left at anode. 

(vii) Copper, silver, nickel and chromium plating is done by various types 

of electrolytic cells. One metal is deposited at the surface of another metal. 

10.2.5 Voltaic or Galvanic Cell . pV* 

A voltaic or a galvanic cell consists of two half-cells that are electrically connected. 

Each half cell is a portion of the total cell in which a half reaction takes place. Fig. (10.2) shows 

such a galvanic cell. The left half cell consists of a strip of zinc metal dipped in 1M solution of 

zinc sulphate giving the following equilibrium; 

Zn(s) -> Zn’* (aq) + 2e 

The right half -cell is a copper metal strip that dips into 1M copper sulphate solution 

and the equilibrium here is represented as follows: 
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Cu(s) -> Cu 3 "{aq) + 2e" 

These half-cells in Fig (10.2) arc 
connected electrically by a salt bridge. If 
the solutions were to mix, direct , , ^ . 
chemical reactions would take place, 

, . 1 Glass wuul plugs to 

destroying the naif-cells* i he salt bridge p rav * nt n * ^ 

, - ° 3dutk>n 

contains an aqueous solution of 
potassium chloride in a gel. Zinc tends to znco, 

lose electrons more readily than copper. 

Zn electrode takes on a negative charge * Tl ™ ^ ™ nR ’ stms ° fZnaDd Cu 

relative to the copper electrode. If the electrolytic solutions, 

external circuit is closed by connecting the two electrodes as shown in the figure, electrons 
flow from the zinc through the external circuit to copper electrode. The following half-cell 
reactions occur at two electrodes and cell potential at standard conditions is 1.1 volts. 
It is denoted by E°. 

At anode Zn(s) — > Zn (aq) + 2e‘ (oxidation) 



At cathode Cu I+ (aq) + 2e > Cu(s) 


(reduction) 


The overall voltaic cell reaction is the sum of these two half cell reactions. 

Zn (s) + Cu’ + (aq) Zn 3 ’ (aq) + Cu(s) 

This voltaic cell can be represented as follows; 


E° — 1.1 V 


Zn (s) /Zn 3 ’ (aq) 1M | j Cu :+ (aq) 1M / Cu (s) E° =1.1 V 

Note that reduction occurs at the copper electrode and oxidation occurs at the zinc 
electrode. Sign || shows the presence of salt bridge. 

Function of Salt Bridge 

Let us, examine the purpose of the salt bridge. Since, zinc ions are produced as 
electrons leave the anode, we have a process which tends to produce a net positive cliarge in 
die left beaker. Actually, the concentration ofZn 2+ ions increase in the left compartment 
Similarly; the arrival of the electrons at the copper cathode and their reaction with copper 
ions tend to produce a net negative charge in the right beaker. 

The purpose of the salt bridge is to prevent anv net charge accumulation in either 
beaker by allowing negative ions to leave the right beaker, diffuse through the bridge and 
i ntei the left beaker. It this diffusional exchange of ions does not occur, the net charge 
accumulating in the beakers would immediately stop the flow of electrons through the 
external circuit and the oxidation-reduction reaction would slop. 

Many other oxidation - reduction reactions can be carried out successfully in 
galvanic cells using different electrodes. It rs natural to think of these cell processed as 
separated into two half-reactions which occur at the two electrodes* 
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In a voltaic cell the electric current in the external circuit can be used to light a bulb, 
drive a motor and so on. 

Voltaic Cel! is Reversible Cell 

On the other hand, if the external circuit is replaced by a source of electricity that 
opposes the. voltaic cell, the electrode reactions can be reversed. Now, the external source 
pushes the electrons in the opposite direction and supplies energy or work to the cell so 
that the reverse non-spontaneous reaction occurs. Such, a cell is called a reversible cell. 

For the zinc copper cell, the half cell reactions are reversed to give. 

Zff (aq> + 2e > Zn(s) (reduction) 

Cu (s) — > Cih + (aq) + 2e (oxidation) 

and the overall reaction being reversed, becomes 

Zn* + (aq) + Cu(s) Zn(s) + Cu u+ (aq) 

Oxidation occurs at the copper electrode and reduction Lakes place at the zinc 
electrode and the cell operates as an electrolytic cell in which energy from an external source 
drives a non-spontaneous reaction. 

W hen a cell operates as a voltaic the electrode at which reduction occurs is called 
the cathode while the electrode at which oxidation takes place is called the anode. Hence in 
voltaic cell, Zn arts as a anode and Cu acts as a cathode. 

10.3.0 ELECTRODE POTENTIAL 

When a metal strip is placed in a solution of its own ions, there are two tendencies. 
The metal atoms may dissolve as positive ions. In this way, the electrons arc deposited on 
the metal electrode. On the other hand, the metal ions present in solution may take up 
electrons from the metal and get discharged as atoms. It imparts a positive charge to the 
metal. In either case, a potential difference is set up between the metal and the solution, 
which is called single electrode potential. 

The potential set up when an electrode is in contact with one molar solution of its 
own ions at 298 K is known as standard electrode potential or stan dar d reduction potential of 
the element. It is represented as E' J . 

Standard electrode potential of hydrogen has arbitrarily been chosen as zero, while 
the standard electrode potentials of other elements can be found by comparing them with 
standard hydrogen electrode potential. 

The electrode potential, set up when a metal piece is placed in a solution containing 
its own ions, can be explained in terms of equilibrium between the atoms of the metal and its 
ions in solution. It is believed that when a metal is placed in a solution, some of its atoms tend 
to give electrons to the piece of metal and pass into the solution as positively charged ions. At 
the same time the metallic ions already present in solution tend to take up electrons from the 
piece of metal and deposit themselves as neutral atoms. Whichever tendency' is greater in a 
given case determines whether the metal becomes negatively or positively charged, 
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compared with the solution. When equilibrium is 
eventually attained, the two opposing processes 
continue at the same rate and there is no further 
change in the potential difference. 

A rod of zinc , for example, will bear an 
accumulation of negative charges. This is due to the 
net ionization of some of its atoms. The negative 
charge on the Zn-rod will attract an atmosphere of 
positively charged zinc ions around the rod to form an 
electrical double layer as shown in Fig. (10.3). The 
equilibrium can, therefore, be represented as: 

Zn (s) — — Zn' 1 (aq) + 2e 

10.3.1 Standard Hydrogen Electrode (SHE) 


-"Zinc rod 



Fig. (10.3) Equilibrium between 
zinc and its ions in solution 


A standard hydrogen electrode which is used 
as a standard is shown in Fig. (10.4). It consists of a 
piece of platinum foil, which is coated electro 1 ytically 
with finely divided platinum black, to give it > large 
surface area and suspended in one molar solu ; on of 
HC1. Pure hydrogen gas at one atmosphere pressure is 
continuously bubbled into 1M HC1 solid) >n. The 
platinum acts as an electrical conductor and also 
facilitates the attainment of equilibrium between the 
gas and its ions in solution. The potential of this 
electrode is arbitrarily taken as zero. 


Lead to — ■ 
potentiometer 
T = 25 C 


0 

o 

0 

o 


-0- 


Supply of 
hydrogen gas 

P = 1 atm 


V' 


Escaping bubies of 
hydrogen 


Platinised 
platinum foil 

■ 1 M Hy drochluric 
add solution 


10.3.2 Measurement of Electrode Potential 

In any measurement of electrode potential, 
the concerned electrode is joined electrolytically with 
the standard hydrogen electrode (SHE) and a galvanic 
cell is established. The two solutions are separated by 
a porous partition or a salt bridge containing a 
concentrated solut ion of potassium chloride. The salt 
bridge is used to provide a highly conducting path 
between the two electrolytic solutions. The potential 
difference is measured by a voltmeter which gives the 
potential of the electrode, as the potential of SHE is 
zero. An oxidation or reduction may take place at SHE 
depending upon the nature of the electrode which is 
coupled with it. 


Fig. (10.4) Standard hydrogen 
electrode (S.H.E) 


T = 2bX 


AjittrJc 


t 






Cathode 

^ Zn j porous partition 

L 


rP~ 

/ 


HJa) 


Zn 1 ' . H 


s°; 1 cr „.! . 

1 

1 M ZttSO , 1MHC1 


Fig (10.5) Electrode potential of zinc- 
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To measure the electrode potential of zinc, a galvanic cell is established between zinc 
electrode dipped in 1 M solution of its ions and standard hydrogen electrode at 25 “C as shown 
in Fig (10.5). Under the standard conditions, the voltmeter reads 0.76 volts and the deflection 
is in such a direction as to indicate that zinc has a greater tendency to give off electrons than 
hydrogen has. In other words, the half reaction Zn(s) — > Zn + 2e has gieatei tendem \ to 
occur than H.,(g) > 2H + +2e by 0.76 volts. The standard electrode potential of zinc is, 

therefore, 0.76 volts. It is called oxidation potential of Zn and is given the positive sign. The 
reduction potential Zn -electrode is -0.76 volt. The electrode reactions will be shown as 


follows. 

At anode Zn (s) - Zn a+ (aq)+2e“ (oxidation) 
Atcathode2H~(aq) + 2e~— > II,(g) (reduction) 

The electrode potential of copper can also 
be measured using the same type of galvanic cell in 
which copper is an electrode dipped in 1 M solution 
of its ions and connected with SHE Fig (10.6). Under 
standard conditions, the voltmeter reads 0.34 volts 
and the deflection is in such a direction, as to 
indicate that hydrogen has a greater tendency to 
give off electrons than copper has. 

In other words, the half reaction H,(g) -» 2H" 


T * 25‘C 


e 4 

Cathode- • 

cui 


7 — 2 

Anode I 


poroHS partition 

i 

Cu 1 * i H' 1 




soi- 


1M CuSO„ 


cr 

1MHCI 


Fig (10.6) Electrode potential of copper 
+ 2e has a greater tendency to occur 


than Cu(s) -» Cu i+ 4- 2c' by 0.34 volt. So the standard electrode potential of Cu is 0.34 volts. 
It is called reduction potential of Cu. When the sign is reversed, then the -0.34 V is called 
oxidation potential of Cu electrode. The reactions taking place at two electrodes will be 


shown as follows. 

Atanode H,(g) -> 2H* 4-2e 

At cathode Cu 8+ +2e" -» Cu(s) 


10.4 THE ELECTROCHEMICAL SERIES 

When elements are arranged in the order of their standard, electrode potentials on 
the hydrogen scale, the resulting list is known as electrochemical series. 

Such a series of elements is shown in Table (10.2). The electrode potentials have 
been given in the reduction mode as recommended by the International Union of Pure and 
Applied Chemistry (IUPAC). In some textbooks, half reactions are written in the oxidation 
mode and the corresponding potentials are oxidation potentials. The magnitude of the 
potential is not affected by the change in mode but the signs are reversed. Therefore, before 
using standard electrode potential data, it is necessary to ascertain which mode is being 
used. An important point to remember in using reduction potential values is that they relate 
only to standard conditions i.e. 1 M solution of ions, 25' 'C and one atmospheric pressure. 
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m temperature ' conrentrat ion and pressure will affect the values of reduction 
Table (10.2) Standard reduction potentials (E°) of substances at 298K 


Element 



Electrode 



Standard Reduction Potcmial 
(E°) 

Li 



Li + 4 tt -+ Li 



-3.045 

K 



K 1 + e'-> K 



- 2.925 

Ca 



La' + 2c > Ca 


j i 

-2.87 

Na 



Na" + e' Na 



-2.714 

Mg 



Mg' + 2e Mg 



-2.37 

A1 


5" 1 

AT" + 3e Ai 



1.66 

Zn 


o 

a 

Zn + 2c — > Zn 


s 1 

§ 

- 0.76 

Cr 

§ 

S 

cfp 

Cr 3 * + 3e > Cr 

CL 

g 

M 

fD 

B 

cu 

B‘ 

-0.74 

Fe 

n? 

£/>_ 

B 

an 

r-f- 

o 

Fe"* + 2e Fe 

■rr 

fl? 

sn 

r JS 

m 

-0.44 

Cd 

nf 

i 

Cd + 2c" — > Cd 

5' 

pi 

-0.403 

Ni 

= 

n 

rr 

as 

03 

Ni a+ + 2e" Ni 

ft 

a 

c 

rr- 

to 

-0.25 

Sn 

=3 

! 

Sn“" + 2e Sn 

A 

Q J 

<£ 
to 
■ *-« 

-0.14 

Pb 


e*' 

Pb’ + 2e'-+ Pb 

2 

a> 

{ RefeiT,re Electrode 1 - 0.12(3 

H ? 

£ 

f 

2H 4 +2e' > H, 

a , 
& 


0.000 

Cu 

i/s 

f 

Cu" + 2e'~> Cu 

cr. 

to 

ag 

1 

+ 0.34 

Cu 



Cu" f e" — >Cu 



+ 0.521 




I, + 2e — > 21 



+ 0.535 

Fe 



Fe J * I- 3e — > Fe 



+ 0.771 

Ag 

1 


Ag" + c' -> Ag 



+ 0.7904 

Hg 



Ug' + 2e-> Hg 



+ 0.885 

Br 2 



Br, + 2e • >2B; 



+ 1.08 

a, 



CL + 2e - >2C1" 



+ 1.360 

Au 



Au 1 ' + 3e — > An 



+ 1.50 

F s 



Fj + 2e -»2F 



+ 2.87 


10.4.1 Applications of Electrochemical Series 
(i) Prediction of the Feasibility of a Chemical Reaction 

... Wh ,f f 7 lo ° k at the ei ^'trochemical series, it is easy to predict whether a particular 
cammt^v d 5“ “ F °f Cu “ «» solid zinc but 7 ^ {aq ) 

SSithls S C0PPer ‘ an d rcductlon potentiaJ values « f “pper and zme can 

Cu 2+ (aq) + 2e --> Cu(s) E°= +0.34 volt 
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ZiT f (aq) + 2e > Zn (s) E° = - 0.76 volts 

Since zinc is being oxidized so the reverse reaction will be considered, 

Zn (s) — * 2n^ + (aq) + 2e E°= f 0,76 volts (oxidation) 

The overall reaction wilt thus be 

Cu" (aq) + Zn (s) -> Cu(s) + Zn L “ (aq) E°„ g - L 10 volts 

The overall positive value for the reaction potential suggests that the process is 
energetically feasible. If the sum of E values of the two half cell reactions is negative, then 
the reaction will not be feasible 

Hi) Caicubi: vn of the Voltage or Electromotive Force (emf) of Cells: 

In a galvanic cell, the electrode occupying a higher position in the electrochemical 
series, will act as anode and oxidation takes place on it. Similarly, the electrode occupying the 
lower position in the series will act as a cathode and reduction will take place on it. Let us find 
out a cell potential or the emf of the cell already discussed as above. The half ceil reactions 

are: 

Zn (s) — > Zn (aq) + 2e (oxidation half reaction) 

Cu 2+ (aq) F 2e‘ Cuts) (reduction half reaction) 

Cu 2+ (aq) + Zn (s) -> £ u ^ + ^n 2 \ (aq) (complete cell reaction) 

The oxidation potential of Zn is positive. The reduction potential of Cu“~ is also positive. 

The cell voltage or emf of the ceil is given by 

F° =F° +F° 

L tell L uju T ivd 

V? tta = 0.76 + 0.34 - 1.10 volts 

The cell voltage or emf measures the force with which electrons move in the 
external circuit and therefore measures the tendency of the cell reaction to takes place. 
Galvanic cells, thus, give quantitative measure of the relative tendency of the various 
reactions to occur. 

(iii) Comparison of Relative Tendency of Metals and Nonmetals to Get 
Oxidized or Reduced 

The value of the reduction potential of a metal or a rionmetal tells us the tendency to 
lose electrons and act as a reducing agent. It also gives the information about the tendency of 
a species to gain electrons and act as an oxidizing agent. Greater the value of standard 
reduction potential of a given species, greater is its tendency to accept electrons to undergo 
reduction and hence to act as an oxidizing agent. For example, ions like Au J+ , PC'*, Hg“' , Ag + , 
Cu and the nonmelals elements like F 2 , Cl,, Br, and I, which lie below the SHE, have a 
strong tendency to gain electrons and undergo reduction. 

The series tell us tlial strong oxidizing agents like F,, Cl,, Br,, etc. have a large 
positive value of standard reduction potentials, while strong reducing agents have large 
negative values like Li, K, Ca, Na^tc. which lie above SHE. 
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(iv) Relative Chemical Reactivity of Metals . Q 

Greater the value of standard reduction potential of a metal, smaller is its tendency to 

lose electrons to change into a positive ion and hence lower will be its reactivity. For example, 
metals like Li, Na, K and Rb are highly reactive. Coinage metals, Cu, Ag, and Au are the least 
reactive because they have positive reduction potentials. Similarly, metals like Pb, Sn, Ni, Co 
and Cd which are very clnv * to SHF react very slowly with steam to liberate hydrogen gas, 
while the metals like he, cr, Zn, Mil, A1 and Mg which have more negative reduction 
potentials react with steam to produce the metallic oxides and hydrogen gas. 

(v) Reaction of Metals with Dilute Acids 

Greater the value of standard reduction potential of a metal, lesser is its tendency to 
lose electrons to form metal ions and so weaker is its tendency to displace H,from acids. For 
example, metals like Au, Ft, Ag and Cu which have sufficiently high positive values of 
reduction potentials, do not liberate hydrogen from acids. While, metals like Zn, Mg and Ca 
which are close to the top of the series and have very tow reduction potentials, liberate 
hydrogen gas, when they react with acids. 

(vi) Displacement of One Metal by Another from its Solution 

Metal will displace another metal from the aqueous solution of its salt if it lies above 
the electrochemical scries. For example, Fe can displace Cu from CuS0 4 , Zn does not 
displace Mg from solution of MgSO,. 

10.5 MODERN BATTERIES AND FUEL CELLS 

Those cells which cannot be recharged are called primary cells. Examples are dry 
cell, alkaline battery, mercury and silver battery. Those ones which can be recharged are 
called secondary cells. Examples are lead-acid battery, Ni-Cd-battery and fuel cells. A few 
examples of some modern batteries and fuel cell are described in this section. 



10.5.1 Lead Accumulator 
(Rechargeable) 

It is commonly used as a car 
battery. It is secondary or a storage cell. 
Passing a direct current through it must 
charge it. The charged cell can then 
produce electric current when required. 
The cathode of a fully charged lead 
accumulator is lead oxide, PbO, and its 
anode is metallic lead. The electrolyte is 


Positive plates are 
lead grids filled with 
lead dioxide 


Fig (10.7) Lead accumulator 


30% sulphuric acid solution (density 1.25 g cm J ). Wfren the two electrodes are connected 
through an external circuit,it produces electricity by discharge Fig (10.7). A single cell 
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provides around 2 volts. For 12 volts * 6 cells are connected in series. 

Discharging . . u 

At the :inode the lead atoms release two electrons each to be oxidized to Pb' ions, 
which combine with SO/ ions present in the electrolyte and get deposited on the anode as 


PbSO,. 


At the cathode 

Pb0 2 (s) + 4PT <aq) + SO/ (aq) + 2e 
At the anode 

Pb(s) + SO/ (aq) ► PbS0 4 (s) + 2e 


♦ PbSO,(s) + 2H*0(0 (reduction 

(oxidation) 

* w ~ — 4 " V - 

The electrons released pass round an external circuit as an electric current to be 
used for starting the engine of a vehicle, for lighting up of car lights and so on. 

At the cathode the electrons from the anode are accepted by Pb0 2 and hydrogen ions 
from th£ electrolyte then undergo a redox reaction to produce lead ions and water as follows: 
The Pb 2 ions then combine with the SO/ ions and they both deposit at the cathode 
PbSO When both electrodes are completely covered with PbSO, deposits, the cell will 
cease to discharge anv more current until it is recharged. The overall reaction is 


as 


Pb (s) + PbO, (s) + 4H + (aq) + 2SO/' (aq), 2PbS0 4 (s) + ^H 2 0 (0 

A typical 12-V car battery has six cells connected in series. Each delivers 2V. Each 
cell contains two lead grids packed with the electrode materials. The anode is spongy lead , 
and cathode is powered PbO,. The grid is immersed in an electrolytic solution of sr3.2M 
PESO, (30%). Fibre glass sheets between the grids prevent shorting by accidental physie al 


contact. When the cell is discharged, it generates electrical energy as a voltaic cell. 

Recharging 

During the process of recharging, the anode and the cathode of the external 
electrical source are connected to the anode and the cathode of the cell respectively. The 
redox reactions at the respective electrodes are then reversed. These reactions are 
summarized as follows: 

At anode PbSO.(s) + 2e -> Pb(s) + SO/ (aq) (reduction) 

At cathode PbSO, (s) +J2H 2 0 - > PbO a (s) + 4H*(aq>+ SO/ (aq)2e (oxidation) 
The overall reaction is 

2PbS0 4 (s) +2H 3 0 -» Pb(s) + Pb0 2 (s) + 4H + (aq) + 2SO/ (aq) 

During the process of discharging, the concentration of the acid falls decreasing its 
density to l.lbgcm After recharging, the acid is concentrated again bringing its density to 
its initial value of 1.25g cm J . At the same time the voltage of the battery, which has dropped 
during discharging, return to around 12 volts. 
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10.5.2 Alkaline Battery 'non-rechargeable) 

U is a dry alkaline cell, which uses zinc and manganese dioxide as reactant « 7 ; n „ , 

serves as the anode and manganese diox.de functions 

however, contains potassium hydroxide and is therefore basic (alkaline! Tt h ^ 

ie reactions in .he alkaline battery arc shown as follows: 

Zn(s) + 20H (aq) -> Zn(OH)^fs) + 2c (anode) 

ZMiiO, (s) + HjOf/) + 2e” -» Mn,0,(s) + 20H"(aq) (cathode) 

1 he overall reaction is 

Zn(s) -i 2MnO,(s) + HO(l) -* Zn(0H)(s) + Mn,0,(S) 

The voltage of the cell is 1.5 V 

10.5.3 Silver Oxide Battery 

sources^e^^es^r '““ i “ ^ 10 ' 8 ta " W"* as power 

calhodeisot silver oxide AeO and the . P<J rf SUrL J*!™"* Jnd electronic calculators. The 
in a basic electrolyte ‘ ^ ,s " f zl " c The following reactions occLtr 


(oxidation) 


in a basic electrolyte. 

At the anode 

Zn (s) + 20H (aq) —>■ Zn(OH) 2 ( s ) + 2e 
At the cathode 

Ag,0(s) + H,0(0 + 2e^2Ag( s ) + 20H (aq) (reduction). 
the overall reaction is 

Zil(s) 1 A -g O(S) i_ H,0(1) > Zn(OU), f 2Ag(s) 

1 he voltage of silver oxide battery is about 1.5 V 


Cap over anode 



r v x Zinc anode 
\ ^ Separator Ag.O cathode 
Meta! cap 
tig (10.8) A silver oxide battery 


10.5.4 Nickel Cadmium Cell (Rechargeable) 

cadmium ^ ““ ™ NICAD or nickel 

undergoes oxidation in an alkaline electrolyte. * * * compused of cadraium - which 

At the anode 

- Cd (s) + 2011 (aq) Cd(OH),(s) + 2e (oxidation) 

The cathode ts composed of NiO, which undergoes reduction ™daU°n) 

At the cathode 

+20ir<aq> (rcduction) o^ s 

C d (s) + N,0 ! (s) + 2H, 0( f ) Cd(OH), <s) + Ni(OH), (s) 

thisrJTthtiS - «■ tetrodes. For 

during either charging or discharging tho Wt 8 \ ^ ecause no gases are produced 

tools and portable' coiLtes l,„ iinds , ed 11 k used “ operated 

P computers. It also hnds its application in cordless razors, photoflasii units. 
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It is light weight. Voltage of the cell is 1 .4V. 


E*cess H t uut 


Excess O, out 


HJn 


Oj in 


10-5*5 Fuel Cells (rechargeable) 

Fuel cells are other means by which 
chemical energy may be converted into 
♦electrical energy. When gaseous fuels, such as 
hydrogen and oxygen are allowed to undergo a 
reaction, electrical energy can he obtained* This 
type of a cell finds importance in space vehicles. 

The cell is illustrated in Fig. (10*10). The 
electrodes are hollow tubes made of porous 
compressed carbon impregnated with platinum, which acts as a catalyst* The electrolyte is 
KOIL At the electrodes, hydrogen is oxidized to water and oxygen is reduced to hydroxide 
ions. 



Porous 

carbon electrode 

Fig (10*10) Hydrogen - Oxygen Fuel cell 




•9 Y 


[II, (g) + 20H (aq) -* 2H,0 (f) + 2e“]x 2 (anode) 

0 2 (g) + 2H*0 (t) + 4e 40H~(aq) (cathode) 

2II 2 (g) + 0,(g) — > 2H 0(O (overall reaction) 

Such a cell runs continuously as long as reactants are supplied. 

This fuel cell is operated at a hip h temperature so that the water formed as a product 
of the cell reaction evaporates and m^y he condensed and used as drinking water for an 
astronaut* A number of these cells are usually connected together so that several kilowatts of 
power can be generated. 

The fuel cell produce electricity and pure water during space flights* Fuel cell are 
light, portable and sources of electricity* Many fuel cells do not produce pollutants* Some 
other ceil reactions in fuel cell are : 

(i) 2NH 3 + 3/2 0 2 ► N, + ( 3H,0 (0 

GO N.H ,+ 0‘ ► N, + 2H,0 (0 

(iii) CHj + 20, *■ CO. + 2H a O (0 

Fuel cells are very efficient* They convert about 75% of fuels bond energy into 
electricity 


KEY POINTS 

I* Fleet mdiemistry is the branch of science which deals with the conversion of 
electrical energy to chemical energy and vice versa* 

2* Electrolytic conduction is carried out by the ions produced when an ionic 
compound is in fused state or dissolved in water* Electrolysis is the process in 
which a chemical reaction takes place at the expense of electrical energy* 
Electrolysis m used for the extraction of elements and for the commercial 
preparation of several compounds* It is also used for electroplating. 
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5. 


6 . 


A Galvanic or a voltaic ceil produces electrical energy at the expense of 
chemical energy. Electrode potential is developed when a metal is dipped into a 
solution of its own ions. c B 

Ihe potential or standard hydrogen electrode is arbitrarily fixed as 0.00 volts. 
Electrode potential of an element is measured when it is coupled with standard 
hydrogen electrode. Mien elements are arranged in order of their standard 
electrode potentials on the hydrogen scale, the resulting list is known as 
electrochemical series. Electrochemical series is used to predict the feasibility of a 
redox chemical reaction. 

Modern batteries and fuel cell include lead accumulator, alkaline battery, 
silver oxide battery, nickel cadmium cell and hydrogen oxygen fuel cell. 

The oxidation number is the apparent charge which an atom has in a 
molecule. Redox chemical equations can be balanced using oxidation number 
method and ion electron method. 


Q.l 

(i) 


(ii) 


(in) 


Civ) 


(v) 


Q.2 


■ 






EXERCISE 


Multiple choice questions, hor each question there are four possible answers a, b, c 
and d. Choose the one you consider correct. 

The cathodic reaction in the electrolysis of dil. II,S0 4 with Pi electrodes is> 

(a) Reduction (b) Oxidation 

(c) Both oxidation and reduction (d) Neither oxidation or reduction 

Which of the following statements is not correct about galvanic cell? 

(a) A node is negatively charged (b) Reduction occurs at anode 

(c) Cathode is positively charged (d) Reduction occurs at cathode 

Stronger the oxidizing agent, greater is the: 

(a) oxidation potential (b) reduction potential 

(c) redox potential (d) E.M.Fofcell 

If the salt bridge is not used between two half cells, then the voltage. 

(a) Decrease rapidly (b) Decrease slowly 

(c) Does not change t (d) Drops to zero 

If a strip of Cu metaj is placed in a gplution of FeS0 4 : 

(a) Cu will bedepositejj fb) Fe is precipitated out 

(c) Cu and be both dissolve (d) No reaction take place 

rill in the blank. 


vn0^ e 


(i) 


* 

(ii) 


in OF. and is 


in 


(iii) 


The oxidation number of O-atom is 
H,0,. 

Conductivity of metallic conductors is due to the flow of while 

that of electrolytes is due to flow of , 

Reaction taking place at the is termed as oxidation and at the 
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(V) 


Q.4 


Q.5 


(vi) 


called as reduction. 

is set up when a metal is dipped in its own ions. 

Cu metal the Cu-cathode when electrolysis is performed for 

CuS0 4 solution with Cu-cathodes. 

The reduction potential of Zn is _ 

volts. 


volts and its oxidation potential 


is 


{vii) In a fuel cell, 


react together in the presence of 


Q.3 Mark the following statements true or false. 


(i) 

(ii) 


(in) 

(iv) 

(v) 



>ii) 

(viii) 

fix) 

(x) 

(a) 

(b) 

(c) 


In electrolytic conduction, electrons flow through the electrolyte. 

In the process of electrolysis, the electrons in the external circuit flow from 
cathode to anode. 

Sugar is a non-electrolyte in solid form and when dissolved in water will 
allow the passage of an electric current. 

A metal will only allow the passage of an electric current when it is in cold 
state. 

The electrolytic products of aqueous copper (II) chloride solution are copper 
and chlorine. 

Zinc can displace iron form its solution. 

S.H.E. acts as cathode when connected with Cu-electrode. 

A voltaic cell produces electrical energy at the expense of chemical energy. 
Lead storage battery is not a reversible cell. 

Cr changes its oxidation number when K,Cr,0 7 is reacted with HC1. 

Explain the term oxidation number with examples. 

Describe the rules used for the calculation of oxidation number of an 
element in molecules and ions gi ving examples. 

Calculate the oxidation number of chromium in the following 
compounds. 

(i)CrCl 3 (ii) Cr (SO ) (iiOK.CrO, (iv) K 3 CrA 

(v) CrO, (vi) CnCtj 1 (vii) Cr 0 ■' 

1 (Ans: (i)+3,(ii)+3,(iii)+6 t (iv)+6,(v)+6(vi)+3 

Calculate the oxidation numbers of the elements underlined " in' the 
following compounds. 

(i) Ca(a0 3 X (h)Na£0 3 (ni) Na.PO ; (iv)HN03 

(v) 0,(80,) (Vimrcv (vii)K,MnO 

(Ans : (i) +5, (ii) +4, (iii) +5, (iv) +5, (v) +6, (vi) +5 fvbi) +6 
a) Describe the general rules for balancing a redox equation by oxidation 
number method. 

(b) Balance the following equations by oxidation number method 

(i) Cu + IINO, -► Cu(N0 3 ) 2 + NO, + H,0 

(ii) Zn + HN0 3 -+ Zn(NOJ 2 + NO + H z O 


(d) 





Q 6 . 


(viii) 

(ix) 

(a) 

(b) 


HI + H„S0 4 -> Ij, + SO, + H,0 

NaCl + H,S0 4 + MnO, -> Na,S0 4 + MnSO„ + H 2 0 + Cl, 

Describe the general rules for balancing a redox equation by ion- 
electron method. 

Balance the following ionic equations by ion-electron method. 


(l) 

(ii) 

Uii) 

^(iv) 

(v) 

(vi) 


Fe 31 + Sn 2h 
MnQt 1 ' (aq) + 


H 


C 2 0 4 "' (aq) 


+ cr 





viii) 
(ix) 


CnOf 
Cu + 

Cr 2 0 ?' + Fe‘ + 
S-jQfr + OCI 1 ' 

10; + Asa 3 

Cr 31 + BiOi' 
II,As 0 3 + CrOA 
CN + MnQ 1 ’ 


NO;- 




Fe 2 + +Sn< + 

Mn 2+ (aq) + CO,(g) 
2 Cri + + 3 C 1 , 

Cu 2+ + 2 N 0 P 


♦ Cr 3+ + Fe : 


L ^+ 


(acidic media) 


+ s,o|- 


CI T 

I + AsQ t 


.9 




(acidic media) 
X (acidic media) ' 

-+ CrjOf + 3 Bi 3+ {acidic media) 

(acidic media) 
(basic media} 




3 H 3 AsQ,+ 2 Cr 
CN 0 ‘ + MnQ, (s). 


Q.7. 

Q .8 

Q .9 


Q.10 

Q.ll 

Q .12 


Q.13 

Q.14 


Describe the electrolysis of molten sodium chloride, and a concentrated 
solution of sodium chloride. 

What is the difference between single electrode potential and standard 
electrode potential? How can it be measured? Give its importance. 

Outline the important applications of electrolysis. Write the electrochemical 
reactions involved therein. Discuss the electrolysis of CuSO, using Cu-electrodes 
and AgNO :i solution using Ag electrode. 

Describe the construction and working of standard hydrogen electrode. 

Is the reaction Fe‘ 1 + Ag -+ Fe 2+ + Ag T spontaneous? If not, write 
spontaneous reaction involving these species. 

Explain the difference between 

(a) Ionization and electrolysis. (b) Electrolytic cell and voltaic cell 

(c) Conduction through metals and molten electrolytes. 

Describe a galvanic cell explaining the functions of electrodes and the salt 
bridge. 

Write comprehensive notes on: 

(a) Spontaneity of oxidation reduction reactions. 

(b) Electrolytic conduction. 

(c) A 11 all , silver oxide and nickel-cadmium batteries, fuel cell. 
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(d) Lead accumulator, its desirable and undesirable features. 

Q.15 Will the reaction be spontaneous for the following set of half reactions. 
What will be the value of E ieJJ ? i. Cr 1 ’ (aq) + 3e -> Cr (s) 

li. ■ MnO, (s) + 4H* + 2e~ -> Mn' !l (aq) 4- 211,0 (0 


(Standard reduction potential for reaction 

(i) = -0.74V and for the reaction (ii) = + 1.28V). 

Q16. Explain the following with reasons. 

(a) A porous plate or a salt bridge is not required in lead storage cell. 

(b) The standard oxidation potential of Zn is 0.76 V and its reduction 
potential is -0.76 V 

(c) Na and K can displace hydrogen from acids but Pt, Pd and Cu can not. 

(d) The equilibrium is set up between metal atoms of electrode and ions 


(e) 

(f) 

(g) 

(h) 


e'o 0 


of metal in a cell. 

A salt bridge maintains the electrical neutrality in the cell. 
Lead accumulator is a chargeable battery. 

Impure Cu can be purified by electrolytic process, 

SHE acts as anode when connected with Cu electrode but as 
electrode. 
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REACTION KINETICS 


11. 0.0 INTRODUCTION 


It is a common observation that rates of chemical reactions differ greatly. Many 
reactions, in aqueous solutions, are so rapid that they seem to occur instantaneously. For 
example, a white precipitate of silver chloride is formed immediately on addition of silver 
nitrate solution to sodium chloride solution. Some reactions proceed at a moderate rate e.g. 
hydrolysis of an ester. Still other reactions take a much longeF time, for example ,the r listing 
of iron, the chemical weathering of stone work of buildings by acidic gasestn the atmosphere 
and the fermentation of sugars. 

The studies concerned with rates of chemical reactions and the factors that affect the 
ratrs of chemical reactions constitute the subject matter of reaction kinetics. These studies 
also throw light on the mechanisms of reactions. All reactions occur in single or a series of 
steps. If a reaction consists of several steps, one of the steps will be the slowest than all other 


steps. The slowest step is called the rate determining step. The other steps will not 
affect the rate. 'I 1 he rates of reactions and their control are often important in 
industry. They might be the deciding factors that determine whether a certain 
qhemical reaction may be used economically or not. Many factors influence the 
rate of a chemical reaction. It is important to discover the conditions under which 
the reaction will proceed most economically. 

11.1.0 RATE OF REACTION 


During a chemical reaction, 
reactants are converted into products. 
So the concentration of the products 
increases with the corresponding 
decrease in the concentration of the 
reactants as thev arc b^ing consumed"., 

The situation is explained graphically in 
Fig. (11.1) for the reactant. A which is 
changing irreversibly to the product B. 

The slope of the graph for the 
reactant or the product is the steepest at 
the beginning. This shows a rapid 


y a * B 

Concentrator! 



Fig. (11.1) C hange in the concentration of reactants and 
products with time for the reaction B 
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decrease in the concentration of the reactant and consequently, a rapid increase in the 
concentration of the product. As the reaction proceeds, the slope becomes less steep 
indicating that the reaction is slowing down with time. It means l hat the rate of a react;; >i i is 
changing every moment. The following curve for reactants should touch the time axis in 
the long run. This is the stage of completion of reaction. 

The rate of a reaction is defined as the change in concentration of a reactant or 
a product divided by the time taken for the change. 

The rate of reaction has the units of concentration divided by time. Usually the 
concentration is expressed in moles dm 1 and the time in second, thus the units for the 


reaction rate are moles dm' s' . 

Rate of reaction = 


change in concentration of the substance 


time taken for the change 
For a gas phase reaction, units of pressure are used in place of molar concentrations. 
It follows from the above graph that the change in concentration of the reactant A or the 
product B is much more at the start of reaction and then it decreases gradually. So the 

reaction rate decreases with time. It never remains uniform during different time periods. It 
decreases continuously till the reaction ceases. /*. '{ 




Rate of reaction = 


moles dm 
seconds 


= moles dm J sec 1 


11.1.1 Instantaneous and Average Rate 


The rate at any one instant during the interval is allied the instantaneous rate. The 
rate of reaction between two specific time intervals is called the average rate of reaction. 

The average rate and instantaneous rate are equal for only one instant in any time 
interval. At first, the instantaneous rate is higher than the average rate. At the end of the 
interval the instantaneous rale becomes lower than the average rate. As the time interval 
becomes smaller, the average rate becomes closer to the instantaneous rate. The average 
rate will be equal to the instantaneous rate when the time interval approaches zero. Thus the 
rate of reaction is instantaneous change in the concentration of a reactant or a product at a 
given moment of time. 

Rate of reaction = 

dt 

Where dx is a very small change in the concentration of a product in a very small time 
interval dt. Hence, dx/dt is also called rate of change of concentration with respect to time. 

The rate of a general reaction, A -> B, can be expressed in terms of rate of 
disappearance of the reactant A or the rate of appearance of the product B. Mathematically, 

Rate of reaction = = + ^[B] 

dt dt 

Where d[A] and d[B] are the changes in the concentrations of A and B, respectively. 
The negative sign in the term indicates a decrease in the concentration of the reactant A. 
Since the concentration of product increases with time, the sign in rate expression involving 
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the change of concentration of product is positive. oV£ 

11.1.2 Specific Rate Constant or Velocity Constant 

The relationship between the rate of a chemical reaction and the active masses, 
expressed as concentrations, of the reacting substances is summarized in the law of mass 

action. It states that the rate of reaction is proportional to the active mass of the rcacta nt or to 
the product of active masses if more than one reactants are involved in a chemical reaction. 

For dilute solutions, active mass is considered as equal to concentration. By applying the law 
of mass action to a general reaction. 

aA + bB ► cC + dL) 


Rate of reaction = k [ AJ “ [B] b 

This expression is called rate equation. The brackets [ ] represent the 
concentrations and the proportionality constant k is called specific rate constant or velocity 
constant for the reaction. 

Let [A] — 1 mol din" J and LB] — 1 mol dm J 
Rate of reaction =kxf xf- k 

Hence the specific rate constant of a chemical reaction is the rate of reaction when 
the concentrations of the reactants are 

but it changes with temperature. 

11.1.3 Order of Reaction 

For a general reaction between A and B where 'a' moles of A and ’b' moles of B react to 
form 'c' moles of C and ’d’ moles of D. 

aA + bB ► cC + dD 

We can write the rate equation as: 

R - k [A] k [Bf 

The exponent a' or 'b' gives the order of reaction with respect to the individual 
reactant. Thus the reaction is of order 'a' with respect to A and of order b with respect to B. 
The overall order of reaction is fa+b). The order of reaction is given by the sum of all the 
exponents to which the concentrations in the rate equation are raised. The order of reaction 
may also be defined as the number of reacting molecules, whose concentrations alter as a 
result of the chemical change. 

It is important to note that the order of a reaction is an experimentally determined 
quantity and can not be inferred simply by looking at the reaction equation. The sum of the 
exponents in the rate equation may or may not be the same as in a balanced chemical 
equation. The chemical reactions are classified as zero, first, second and third order 
reactions. The order of reaction provides valuable information about the mechanism of a 
reaction. 


unity- Under the given conditions, k 




itant, 


Examples of Reactions Showing Different Orders 

1. Decomposition of nitrogen pentoxide involves the following equation. 

2NA(g) ► 2N 2 Q 4 {g) + 0 2 (g) 
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The experimentally determined rate equation for this reaction is as follows: 

Rate =k[N,OJ 

in suggests that the reaction is first order with respect to 

N,0, 




& 


.tration of 


2 . 


Hydrolysis of tertiary butyl bromide 
CH, 


CH, 


CH, — C — Br + H,0 


-► CH — C— OH+HBr 


CH, CH, 

The rate equation determined experimentally for this reaction is 

Rate = k [ (CH,) 3 CBr] 

The rate of reaction remains effectively independent of the concentration of water 
because, being a solvent, it is present in very' large excess. Such type of reactions have been 
named as pseudo first order reactions. 

3. Oxidation of nitric oxide with ozone has been shown to be first order w r ith respect to 

NO and first order with respect to 0 3 . The sum of the individual orders gives the overall order 

of reaction as two. -o !f- sr 


,e'°° 


N0(g) + 0,(g) • 


NO, (g) + Oj, (g) 




Rate - k [NO] [O J 

4. Consider the following reaction 

2FcCl :j (aq) + 6KI (aq) ► 2FeF(aq) + 6 KCl(aq) + 1, 

This reaction involves eight reactant molecules but experimentally it has been found 
to be a third order reaction. 

Rate = k [FeCl 3 l PCI] 2 

This rate equation suggests that the reaction is, in fact, taking place in more than one 
steps. The possible steps of the reaction are shown below. 


FeCl, (aq) + 2KI(aq) 
2KI(aq) + 2C1 (aq) 


slow 

fast 


. (aq) + 2 KCl(aq) + Cl ' (aq) 
2KC1 (aq) + I, (s) 


5. The order of a reaction is usually positive integer or a zero, but it can also be in 
fraction or can have a negative value. 

Consider the formation of carbon tet rachloride from chloroform. 

CHCl, (0 + Cl 2 (g) ► CCI 4 (ri) + HC1 (g) 

Rate = k [CHCL,][Cy w 

The sum of exp nts will be 1 + ¥t — 1.5, so the order of this reaction is 1 .5. 


• ^ 

From the above examples, it is dear that order of reaction is not necessarily 
depending upon the coeffients of balanced equation. The rate equation is an experimental 
expression. 

A reaction is said to be zero order if it is entirely independent of the concentration of 
reactant molecules. Photochemical reactions are usually zero order. 
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11.1.4 Half Life Period 


Half life period of a reaction is the time required to convert 50% of the reactants into 

for example, the half life period for the decomposition of N,0 5 at 45°C is 24 

minutes. 

It means that if we decompose 0.10 mole dm 3 ofN,(X at 45 “C, then after 24 minutes 
0.05 mole dm 1 of N 3 0 5 will be left behind. Similarly after 48 minutes 0.025(25%) mole dm s of 
N A will remain unreacted and after 72 minutes (3 half times) 0.0125 (12.5%) mole dm' 3 of 
N 2 0 5 will remain unreacted. 


Decomposition of N ? 0 5 is a first order reaction and the above experiment proves that 
the half-life period of this reaction is independent of the initial concentration of N 2 0,. This is 
true for all first order reactions. The disintegration of radioacti ve lU has a half-life of 7.1x1 0“ 
or 710 million years. If one kilogram sample disintegrates, then 0.5 kg of it is converted to 
daughter elements in 710 million years. Out of 0.5 kg of lU, 0.25kg disintegrates in the next 
710 million years. So, the half-life period for the disintegration of a radioactive substance is 
independent of the amount of that substance. 


What is true for the half-life period of first order reactions does not remain true for 
the reactions having higher orders. In the case of second order reaction, the half-life period is 
inversely proportional to the initial concentration of the reactant. For a third order reaction, 
half life is inversely proportional to the square of initial concentration of reactants. 

Briefly we can say that 

[tA oe -U f since [t w ], = ^93 





since [t^ = 


x 

ka 


ftiA « since [t A- -UL 

ka 

Where [tyj„ [t w ] 2 . an d [t L J 3 , are the half-life periods for 1st, 2nd and 3rd order 
reactions respectively and 'a' is the initial concentration of reactants. 

In general for the reaction of nth order: 

_ „-i 

a 

The half-life period of any order reaction is, thus, inversely proportional to the initial 
concentration raised to the power one less than the order of that reaction. So, if one knows 

the initial concentration and half-life period of a reaction, then order of that reaction can be 
determined 

r*y0B V 

Example 1 . Calculate the half-life period of the following reaction when the initial 
concentration of HI is 0.05 M. 

2HI(g) ^=7 H 3 (g) + l 2 (g) 
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The value of rate constant k — 0.079 dm 3 mol' 1 s’ 1 at 508 "C and rate of expression is 
Rate = k mf 

According to the rate expression it is a second order reaction. The half life 
paired of a second order reaction is 
't 1_ 

. ka 2 1 

Putting the values of k and a. 




1 

ka 


So 


t 


1 


k x a {0.079 dm 3 mol' 5 s' 1 ) (0.050 mol dm' 4 ) 0.079 X 0.05 


sec. 


253 sec. Answer 


So, in 253 seconds, the half of HI i.e., 0.05/2=0.025 moles is decomposed. 

11.1.5 Rate Determining Step 

Finding out the rate equation of a reaction experimentally is very useful. Actually it 
gives us an opportunity to look into the details of reaction. Rate equation of example (4) in 
article 11. 1.3 showed clearly that the reaction is taking place in more than one steps. There 
are many such reactions in chemistry which occur is a series of steps. 

If a reaction occurs in several steps, one of the steps is the slowest. The rate of this 
step determines the overall rate of reaction. This slowest step is called the rate determining 
or rate limiting step. The total number of molecules of reacting species taking part in the rate 
determining step appear in the rate equation of the reaction. 

Let us consider the following reaction 

NO,(g) + CO(g) — ► NO(g) + CO,(g) 

The rate equation of the reaction is found to be 

Rate - k [NO,] 2 

This equation shows that the rate of reaction is independent of the concentration of 
carbon monoxide. In other words the equation tells us that reaction involves more than one 
steps and two molecules of N0 2 are involved in the rate determining step. The proposed 
mechanism for this reaction is as follows. 

slow 

NO,(g) + N0 3 {g) ► NO a (g) + NO(g) (rate determining step) 

fflSt 

NO a (g) + CO (g) — ► NO a (g) + CO,(g) 

The first step is the rate determining step and N0 3 which does not appear in 
the balanced equation, is called the reaction intermediate. 1 he reaction intermediate has a 

temporary existence and it is unstable relative to the reactants and the products. This is a 
species with normal bonds and may be stable enough to be isolated under special conditions. 
This reaction is a cledr example of the fact that a balanced chemical equation may not give any 
information about the way the reaction actually takes place. 
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Table (11.1) Change in concentration of HJ 
with regular intervals 

2HI(g)— H,(g) + I 3 (g) 


Concentration of 
HI (mol dm" 1 ) 

Time (s) 

0.100 

0 

0.0716 

50 

0.0558 

100 

0.0457 

150 

0.0387 

200 

0.0336 

250 

0.0206 

300 

0.0265 

350 




11.2.0 DETERMINATION OF THE RATE OF A CHEMICAL 
REACTION 

Determination of the rate of a chemical reaction involves the measurement of the 
concentration of reactants or products at regular time intervals as the reaction progresses. 
When the reaction goes on, the concentrations of reactants decrease and those of products 
increase. The rate of a reaction, therefore, is expressed in terms of the rates at which the 
concentrations change* 

Rate of reaction = AC = mo |es dm " 

At seconds 

=moles dni's' 

Suppose, the concentration of a reactant of any chemical reaction changes by 0.01 
moldin' 3 in one second, then rate of reaction is, 0.01 mole dm' 3 s ! . 

Rate of a chemical reaction always 
decreases with the passage of time during the 
progress of reaction. To determine the rate of 
reaction for a given length of time, a graph is 
plotted between time on x-axis and 
concentration of reactant on y-axis whereby a 
curve is obtained. 

To illustrate it, let us investigate the 
decomposition of HI to H 3 and I 2 at 508°C. 

Table(ll.l) tells us that the change in 
concentration of HI for first 50 seconds is 0.0284 
mol dm' 3 but between 300 to 350 sec, the 
decrease is 0.0031 moles dm' 3 . By using the data, 
a graph is plotted as shown in Fig (11.2). The 
graph is between time on x-axis and 
concentration of III in moles dm' 3 on y-axis. 

Since HI is a reactant, so it is a falling curve. The 
steepness of the concentration-time curve 
reflects the progress of reaction. Greater the 
slope of curve near the start of reaction, greater 
is the rate of reaction. 

In order to measure the rate of reaction, 
draw a tangent say, at 100 seconds, on the curve 
and measure the slope of that tangent. The slope 
of the tangent is the rate of reaction at that point 
i.c., after 100 seconds. A right angled triangle 
ABC is completed with a tangent as hypotenuse. 

Fig. (1 1 .2} shows that in 110 sec, the change in 





5,9 




Time (s) ' 


Fig* (11. 2) The change in the HI 
concentration with time for the 
reaction 2111(g) ^ H, (g) + I z (g) at 
508 U C. 
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concentration is 0,027 mole dm ', and hence the 
^0'OW f - 0.027moles to- 




or rate= 


110 sec 


= 2.5 x 10' 1 moles dm s' 




too 






This value of rate means that in a period of one sec in 1 dm 3 solution, the 
concentration of HI disappears by 2.5 x 10 4 moles, changing into the products. 

The right angled triangle ABC can be of any size, but the results for the rate of 
reaction will be the same. 

If we plot a graph between time on x-axis and concentration of any of the products i.e 
H 3 or l„ then a rising curve is obtained. The value of the tangent at 100 seconds will give the 
same value of rate of reaction as 2.5 x 10” 1 moles dm 4 s' 1 

The change in concentrations of reactants or products can be determined by both 
physical and chemical methods depending upon the type of reactants or products involved. 

11.2.1 Physical Methods r 

Some of the methods used for this purpose are the following: In these 
methods, a curve has to be plotted as mentioned in 1 1 .2.0. The nature of the curve may be 
rising for products and falling for reactants. Anyhow, the results will be same for the same 
reaction under the similiar conditions. 

>6 VJ 




Y \ 

(i) Spectrometry 

This method is applicable if a reactant or a product absorbs ultraviolet, visible or 
infrared radiation. The rate of reaction can be measured by measuring the amount of radiation 
absorbed. 


(ii) Electrical Conductivity Method 

The rate of a reaction involving ions can be studied by electrical conductivity method, 
The conductivity of such a solution depends upon the rate of change of concentration of the 
reacting ions or the ions formed during the reaction. The conductivity will be proportional to 
the rate of change in the concentration of such ions. 

(in) Dilatometric Method 

This method is useful for those reactions, which involve small volume 
solutions. The volume change is directly proportional to the extent of reaction. 

(iv) Refractrometric Method 
This method is applicable to reactions in solutions, where there are 

refractive indices of the substances taking part in the chemical reactions. 

(v) Optical Rotation Method 
In this method, the angle through which plane polarized light is rotated by the 

reacting mixture is measured by a polarimeter. The extent of rotation determines the 


changes in 
changes in 


»Y> 
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concentration of optically active substance. If any of the species in the reaction mixture is 
optically active, then this method can be followed to find out the rate of reaction. 


TanB = 

dx 


ill 
dt 

- rate of reaction 


d[rime] 


0 

T 


11.2.2 Chemical Method 

This is particularly suitable for reactions in solution. In this method, we do the 
chemical analysis of a reactant or a product. 

The acid hydrolysis of an ester (ethyl acetate) in the presence of a small amount of an 
acid is one of the best examples. 

CH,COOC 2 H 5 (/) + U ? 0(0 ^ cH lh COOH(0 + C,H 5 OH(0 

In case of hydrolysis of an ester, the solution of ester in water and the acid acting as a 
catalyst are allowed to react. After some time, a sample of reaction mixture is withdrawn by a 
pipette and run into about four times its volume of ice 
cold water. The dilution and chilling stops the 
reaction. The acid formed is titrated against a 
standard alkali, say NaOH, using phenolphthalein as 
an indicator. The analysis is repeated at various time 
intervals after the start of reaction. This would 
provide an information about the change in 
concentration of acetic acid formed during the 
reaction at different time intervals. The different 
concentrations of acetic acid are plotted against the 
time whereby a rising curve is obtained as shown in 
Fig (11.3). The slope of the curve at any point will give X '_ 
tiit rate of reaction. Initially, the rate of reaction is 
high but it decreases with the passage of time. When JT (s) 

the curve becomes horizontal, the rate becomes zero. of ester hydrolysis 

If we plot the graph for decreasing concentrations of CHXOOCJI- then falling 

curves are obtained as shown in Fig.(l 1.2) 

alenh ,, “ ™ ^ my techni( i ue to record the changing concentration of ester or 

alcohol, we can measure the rate of the reaction. This is a pseudo first order reaction 

: h , a> Wdt f bemg in arge excess m comparison to ester does not affect the rate and we 
think that water is not taking part in the reaction. 

1 1.3. ENERGY OF ACTIVATION 

reactants t0 ^ P ‘ aCe ’ the particIes atoms > ions or molecules of 

reactants must form a homogeneous mixture and collide with one another. These collisions 

may be effective or ineffective depending upon the energy of the colliding particles When 

these collisions are effective they give rise to the products otherwise 2CS 

JUSL bounce back. The effective collisions can take place only when the colliding partfdes will 

possess certain amount of energy and they approach each other with the proper orientation. 
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The idea of proper orientation means that at the time of collision, the atoms which arc 
required to make new bonds should collide with each other. The minimum amount of energy 
required for an effective collision is called activation energy. 

If all the collisions among the reacting species at a given temperature are effective in 
forming the products, the reaction is completed in a very short time. Most of the reactions, 
are, how r ever, slow showing that all the collisions are not equally effective. 

Let us study a reaction between molecules A., and B 2 to form a new molecule AB. If 
these molecules will have energy equal to or more than the activation energy, then upon 
collisions their bonds will break and new bonds will be formed. The phenomenon is shown in 
Fig. (11.4) A — A A -A A A 

+ > : : ► I + t 

B— B 
reactants 


B B B B 

activated complex products 

Fig. (11.4) Collisions of molecules, formation of activated complex and formation of products 

Activated complex is an unstable combination of all the atoms involved in the 
reaction for which the energy is maximum. It is a short lived species and decomposes info 
the products immediately. It has a transient existence, that is why it is also called a transition 
state. 0v' 

When the colliding molecules come close to each other at the time of collision, they 
slowdown, collide and then fly apart. If the collision is effective then the molecules flying 
apart are chemically different otherwise 
the same molecules just bounce back. 

When the molecules slow down just before 
the collision, their kinetic energy 
decreases and this results in the 
corresponding increase in their potential 
energy. The process can be understood 
with the help of a graph between the path 
of reaction and the potential energy of the 
reacting molecules. Fig. (11.5 a, b) 



activated complex 


-/• 


r 


fteachor coordinate — . 
fb} EntMUiermit reaction 


Fig. (11.5) A graph between path of reaction and 
the potential energy of the reaction 


The reactants reach the peak of 
the curve to form the. activated complex. 

E a is the energy of activation and it appears as a potential energy hill between the reactants 
and the products. Only, the colliding molecules with proper activation energy, will be able to 
climb up the hill and give the products. If the combined initial kinetic energy' of the reactants 
is less than E„, they will be unable to reach the top of the hill and fall hack chemically 
unchanged. 

Thi s potential energy diagram can also be used to study the heat evolved or absorbed 
during the reaction. The heat of reaction is equal to the difference in potential energy of the 
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reactants and the products. For exothermic reactions, the products are at a lower energy 
level than the reactants and the decrease in potential energy appears as increase in kinetic 
energy ot the products Fig. (11.5a). For endothermic reactions, the products are at higher 
eneigy level than the reactants and for such reactions a continuous source of energy is 
needed to complete the reaction Fig. (1 1.5b). 

The energy of activation of forward and backward reactions are different for all the 
reactions. For exothermic reactions the energy of activation of forward reaction is less than 
that ot back wa id reaction, while reverse is true for endothermic reactions. 

Energy of activation of a reaction provides a valuable information about the way a 
reaction takes place and thus helps to understand the reaction. 


11.4 FINDING THE ORDER OF REACTION 

The order of a reaction is the sum of exponents of the concentration terms in the rate 
expression of that reaction. It can be determined by the following methods. 

(i) Method of hit and trial 

(ii) Graphical method 

(iii) Differential method 

(iv) Half life method 

(v) Method of large excess 1 ,^p!0 0 

Here we will only discuss half-life method and the method of large excess 


11.4.1 Half Life Method 

As mentioned earlier, half life of a reaction is inversely proportional to the initial 
concentration ot reactants raised to the power one less than the order of reaction. 


Therefore, 


X n_f 

a 


, , u Lel f perfor,na reaction twice by taking two different initial concentrations 'a,' and 
a 2 and then half-life periods are found to be tj and t., respectively, 

1 


ti cc- 

ar 1 


and 


t^ oc - 


H; 


Dividing the two relations: 
Taking logon both sides: 
Rearranging 




t, 




!ogAL- = ( n -l) log 

1 

n = 1 + 


a! 


log 

t, J 

log 

' a 2 







- 
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vo initial concentrations and two half life values we can calculate the 

ion(n). 00^ rW ' : . 

Example 2: In the thermal decomposition of N ? 0 at 760 °C, the time required to 
decompose half of the reactant was 255 seconds at the initial pressure of 290 mm Hg and 212 
seconds at the initial pressure of 360 mmHg. Find the order of this reaction. 


Solution: 

The initial pressures of N 2 0(g) are the initial concentrations. 
Data: a t = 290 mm Hg t; = 255 seconds 

a 2 ~ 360 mm Hg t 2 = 212 seconds 

Formula used 

' t, 


log 


n = 1 + 



log 


ues in the above equation 


log 


n = 1 + 


255 


212 




too 


ft*# 






log 


360 


290 


n = 1 + 


0.0802 


0.0940 
n = 1 + 0.85 = 1.85 = 2 

1.85 is close to 2 , hence the reaction is of second order. 

11.4.2 Method of Large Excess 

In this method, one of the reactants is taken in a very small amount as compared to 
the rest of the reactants. The active masses of the substances in large excess remain 
constant throughout. That substance taken in small amount controls the rate and the order is 
noted with respect to that. 

The reason is that a small change in concentration of a substance taken in very small 
amount affects the value of rate more appreciably. The hydrolysis of ethyl acetate as 
mentioned earlier shows that water being in large excess does not determine the order. 

In this way, the reaction is repeated by taking rest of the substances in small amounts 
one by one and overall order is calculated. The method will be further elaborated in article 
11.5.2, 
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11.5. FACTORS AFFECTING RATES OF REACTIONS' 

the t ^ faC i t0rS Which chanj?e thc number of effective collisions per second affect 
the rate of a chemical reaction. Some of the important factors are as follows. 

11.5.1 Nature of Reactants 

re'iet " J ^ of L reactlon de P endii upon the nature of reacting substances. The chemical 

reactmty of the substances is controlled by the electronic arrangements in their outermost 

ie elements of I-Agmup have one electronin their outermost s-orbital. They react 
wi h water more swiftly than those of II-A group elements having two electrons in ££ 
s ; orbltaL Similarly, the neutralization and double decomposition reactions are 
ry fast as compared to those reactions in which bonds are rearranged Oxidation -reduction 
react, on S mvolve the transfer of electrons and are slower than ionic Sons 

11.5.2 Concentration of Reactants 

the "“If?! 1 * “* d “f t0 ™ lliaiuI15 of reactant molecules. The frequency with which 

“Oodles collide depends upon their concentrations. The more crowded the molecules 
are, the more Utely they are to collide and react with one another Tht^ an teeaTelnte 
concentrates of the reactants will result in the corresponding increase ,n fli”SSon^e 
w 11 e a decrease in the concentrations will have a reverse effect For nvamn i ■ * 

that occurs slowly in air (21^ oxygen) will occ^nu,rerapidlyinpure < w^^n P e ' CDndmstlon 

different rTteT h^rh^ 8 ' 0 " 6 J eaCts with di£ferc " t concentrations of hydrochloric acid at 
incrisWs n« Ut tT 1 * **"“* its concentration can be increased by 

pressure of H or r, ; 3 mKture of H ° and C1 - wiu react as fast if the partial 

other component.^ * " °' 5 *° W atm ^ here — «« of the 

the ntC ° f 3 " reacti ™ - * 

2NO (g) + 2H. ► 2H,0(g) + N,(g) 

been “■ ,1U > haS 

Table (11.2) Effect of change in 


Table (11.2) shows the results of six 
experiments. In the first three experiments the 
concentration of 1I 2 is increased by keeping the 
concentration of NO constant. By doubling the 
concentration of H 2 , the rate is doubled and by 
tripling the concentration of H, f the rate is 
tripled. So, the rate of reaction is directly 
proportional to the first power of concentration 
ofH,. 


concentrations of 


[NO] in 
(moles dm ! ) 

[H,]in 

(moles dm b 

Initial rate 
(atm min’ 1 ) 

0.006 

0.001 

0.025 

0.006 

0.002 

0.050 

0.006 

0.003 

0.075 

0.001 

0.009 

0.0063 

0.002 

0.009 

0.025 

0.003 

0.009 

0.056 
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Rate a-- [HJ 

In the next three experiments, the concentration of H, is kept constant. By doubling the 
concentration of NO, the rate increases four times and by tripling the concentration of NO the 
rate is increased nine times. So, the rate is proportional to the square of concentration of NO, 

Rate * [NO] 2 

The overall rate equation of reaction is, 

Rate* [IT] [NO] 2 

or, Rate - k [HJ‘[N0] 2 

Hence, the reaction is a third order one. This final equation is the rate law for this 
reaction. It should be kept in mind that rate law cannot be predicted from the balanced 
chemical equation. This set of experiments helps us to determine the order of reaction as 
well. The possible mechanism consisting of two steps for the reaction is as follows: 

slow 

(i) 2N0(g)+ H;,(g) ~ * N/g) + H,CL(g) (rate determining) 

(ii) HA(g) + Hj(g) — — ► 2H a O(g) 

The step (i) is slow and rate determining. 

11.5.3 Surface Area 

The increased surface area of reactants, increases the possibilities of atoms and 
molecules of reactants to come in contact with each other and the rates enhance. For 
example, A1 foil reacts with NaOH moderately when warmed, but powdered A1 reacts rapidly 
with cold NaOH and H s: is evolved with frothing, 

2A1 + 2NaOH + 6H,0 ► 2NaAl(OH) 4 + 3U, 

Similarly, CaCO, in the powder form reacts with dilute H,S0 4 more efficiently than 
its big pieces. 

11.5.4 Light 

Light consists of photons having definite amount of energies depending upon their 
frequencies. When the reactants are irradiated, this energy becomes available to them and 
rates of reactions are enhanced. The reaction of CH 4 and CL requires light. The reaction 
between H 2 and CL at ordinary pressure is negligible in darkness, slow in daylight, but 
explosive in sunlight. Similarly light is vital in photosynthesis, and the rate is influenced by 
light. c/O 

11.5.5 Effect of Temperature on Rate of Reaction 

The collision theory of reaction rates convinces us that the rate of a reaction is 
proportional to the number of collisions among the reactant molecules. Anything, that can 
increase the frequency of collisions should increase the rate. We also know, that every 
collision does not lead to a reaction. For a collision, to, be effective the molecules must 
possess the activation energy and they must also be properly oriented. For nearly all 
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chemical reactions, the activation energy is quite 
large and at ordinary temperature very few 
molecules are moving fast enough to have this 
minimum energy. 

All the molecules of a reactant do not possess 
the same energy at a particular temperature. Most of 
the molecules will possess average energy. A fraction 
of total molecules will have energy more than the 
average energy. This fraction of molecules is 
indicated as shaded area in Fig.{11.6) 

As the temperature increases, the number of 
molecules in this fraction also increases. There 
happens a wider distribution of velocities. The curve 
at higher temperature T 2 has flattened. It shows that 
molecules having higher energies have increased and 
those with less energies have deceased. So, the 
number of effective collisions increases and hence 

the rate increases. When the temperature of the reacting gases is raised by 10 K, the fraction 
of molecule with energy more than E, roughly doubles and so the reaction rate also doubles. 
Arrheinus has studied the quantitative relationship between temperature, energy of 
activation and rate constant of a reaction. 


y 



Minimum KE 
nettfod for 
nMcfr&P to otcu r 


Fig. (11,6) Kinetic energy distributions 
for a reaction mixture at two different 
temperatures. The size of the shaded 
areas under the curves are proportional 
to the total fraction of the molecules 
that possess the minimum activation 
energy. 


11.5.6 Arrhenius Equation 

Arrhenius equation explains the effect of temperature on the rate constant of a 
reaction. The rate constant 'k' for many simple reactions is found to vary with temperature. 
According to Arrhenius: 

k=Ae MtT (1) 

So, 'k' is exponentially related to activation energy (E.) and temperature (T). R is 
general gas constant and e is the base of natural logarithm. The equation shows that the 
increase in temperature, increases the rate constant and the reactions of high activation 
energy have low 'k' values. I he factor 'A' is called Arrhenius constant and it depends upon the 
collision frequency of the reacting substances. This equation helps us to determine the 
energy of activation of the reaction as well. For this purpose, we take natural log of Arrhenius 
equation, which is expressed as in. The base of natural log is e audits value is 2.718281. 

Now, take natural log on both sides 

to 0 






or 


oi 


?nk = f!n (Ae™) 
fn k = fti A + fri e' 1 ^ 
fnk- fri A+^fn e 


c\&°' 


Since 

Therefore 


RT 


fn e = i 
-E, 

fn k A 


(log of a quantity with same base is unity) 

( 2 ) 
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7 


The equation (1) is the equation of straight line, and from the slope of straight line 'E,' can be 
calculated. In order to convert this natural log into common log of base 10, we multiply the 7n term 
with 2303. 

2.303 log k =— p + 2.303 log A (The base of common log is 10) 

K 1 

Dividing the whole equation by 2.303 
log k = 




+ log A 


■ C3) 


2.303RT 

This equation (3) is again the equation of straight line resembling, 
y = -mx + c 

Where ’m’ in is slope of straight line and 'c 1 is the intercept of straight line. 
Temperature is independent variable in this equation while rate constant k is dependent 
variable. The other factors like E„ R and A are constants for a given reaction. 

When a graph is plotted between -y on x-axis and log k on y-axis, a straight line is 
obtained with a negative slope. Actually, has negative sign so the straight line has two 
ends in second and fourth quadrants, Fig. (11.7). The slope of the straight line is measured by 
taking the tangent of that angle 0 which this straight line makes with the x-axis. To measure 
the slope, draw a line parallel to x-axis and measure angle 0 . Take tan 0 which is slope. This 
slope is equal to^. 


Tan 9 = -slope of straight line (a negative quantity. 



Fig. (11.7) Arrhenuis plot to calculate the energy of activation 
-E. 





2.303 R 

Therefore E, — - Slope x 2.303 R (4) 

The straight lines of different reactions will have different slopes and different ’E,' 
values. The units of slope are in kelvins (K). 


Since 


J mole' 1 

S1 °P e = 2.303 JK/mol 1 = K 
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example 3: A plot of Arrhenius equation Fig (11.8) for the 
thermal decompositions of N.O, is shown in the following 
figure. The slope is found to be -5400 K. 

Calculate the energy of activation of the reaction. 

Solution: 

(i) The reaction is 

NA — - 2NO, + 1/20, 

Slope of the straight line = -5400 K 
Equation used, E a = -slope x 2.303 R 



(11.8) Arrhenius plot for 
decomposition of N 2 0 5 


R = 8.3143JK'moT 

Putting thevalues, 

E n - - (-5400K) x 2.303 x 8.3143 JK 1 mol 
E a = +103410 J mol 1 
E a = 103.410 kj mol' 1 

Hence, the decomposition of >1,0, needs 103 4kJmor‘ 
energy more than the average energy to cross the 
energy barrier Fig.(l 1 .9) 



Fig. (11,9) Potential energy 
diagram of N A decomposition 


11.6 CATALYSIS 

A catalyst is defined as a substance whirf 

chem' r ^ rate i ° 1 ' 3 Ch0mica! reaction > remains 
chemically unchanged at the end of the reaction. A 

catalyst is often present in a very small proportion 
For example, the reaction between H, and O, to form 
water is very slow at ordinary temperature, but 
proceeds more rapidly in the presence of platinum. 
Platinum acts as a catalyst. Similarly, KCIO, 
decomposes much more rapidly in the presence of a 
small amount of MnO,. HC1 is oxidised to CL in the 
presence of CuCL 



Fig. (11.10) Catalyzed and 
uncatalyzed reactions. 


i IT 


b* 


irtj 




The process, which lakes place in the presence of a catalyst, is called catalysis. 

A catalyst provides a new reaction path with a low activation energy barrier. 
Fig. (11.10). A greater number of molecules are now able to get over the new energy barrier 
and reaction rate increases. 


Types of Catalysis 

(a) Homogeneous Catalysis 

(b) Heterogeneous Catalysis 


(a) Homogeneous Catalysis 

In this process, the catalyst and the reactants are in the same phase and the reacting 
system is homogeneous throughout The catalyst is distributed uniformly throughout the 
system. For example: 

(i). The formation of S0 3 (g) from S0 2 (g) and 0, (g) in the lead chamber process for the 

manufacture of sulphuric acid, needs NO(g) as a catalyst. Both the reactants and the 
catalyst are gases. no (g) 

2SO,(g) + 0 2 (g) 2S0 3 (g) 


(ii). 


Esters are hydrolysed in the presence of H 3 S0 4 . Both the reactants and the 
catalyst are in the solution state. 


H,0 + 

CH s COOC 2 H 5 (aq) + H,,0(/} > CH.COOH (aq) +C 2 H,OH(aq) 

H 2 SO, 


(b) Heterogeneous Catalysis 

In such systems, the catalyst and the reactants are in different phases. Mostly, the 
catalysts are in the solid phase, while the reactants are in the gaseous or liquid phasse.' For 
example: 

(i). Oxidation of ammonia to NO in the presence of platinum gauze helps us to 
manufacture HN0 3 . 


(ii) 


4NH 3 (g) + 50;,(g) 


Pt(s) 


4NO{g) + 6HjO(g) 


Hydrogenation of unsaturated organic compounds are catalysed by finely 




divided Ni, PdorPt. 

CH 2 - CH, (g) + H 2 (g) 

11.6.1 Characteristics of a Catalyst 


Ni (s) 

CH 3 - CH 3 (g) 


U 


There are many types of catalysts with varying chemical compositions, but the 
following features are common to most of them. 


fe. % 


CK 26-04-: 
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1. A catalyst remains unchanged in mass and chemical composition at the end of 
reaction. It may not remain in the same physical state. MnO s is added as a 
catalyst for the decomposition of KC10 3 in the form of granules. It is converted to fine 
powder at the end of reaction. It has been found in many cases that the shining 
surfaces of the solid catalyst become dull. 

2. Sometimes, we need a trace of a metal catalyst to affect very' large amount of 
reactants. For example, 1 mg of fine platinum powder can convert 
2.5 dm 3 of II, and 1.25 dm J of O, to water. Dry HC1 and NH 1( don't combine, but in the 
presence of trace of moisture, they give dense white fumes of NH 4 C1. Thousands of 
dm' of HA, can be decomposed in the presence of 1 g of colloidal platinum. 

3. A catalyst is more affective, when it is present in a finely divided form. For 

example, a lump of platinum will have much less catalytic activity than 
colloidal platinum. In the hydrogenation of vegetable oils finely divided nickel is 
used. - . 

4. A catalyst cannot affect the equilibrium constant of a reaction but it helps the 
equilibrium to be established earlier. The rates of forward and backward steps are 
increased equally 

5. A catalyst cannot start a reaction, which is not thermodynamically feasible. It is now 
considered that a catalyst can initiate a reaction. The mechanism of a catalysed 
reaction is different from that of an uncatalysed reaction. 

6. A catalyst is specific in its action. When a particular catalyst works for one reaction, it 
may not necessarily work for any other reaction. If different catalysts are used for the 
same reactant then the products may change. For example. 

Formic acid is decomposed by A1A to H,t) and CO while Cu causes its 
decomposition to II, and CO,. 

” AIA 

IICOOH ► H„0 + CO 

Cu 

HCOOH ► H 2 + CO, 

7. Temperature affects the role of a catalyst. Some catalysts arc physically 
altered by a change in temperature and hence their catalytic power will be 
decreased. For example, colloidal catalysts like platinum may be coagulated 
with the rise in temperature. 

8. Catalytic poisoning happens due to presence of trace amounts of foreign 
substances which render them ineffective. Such substances are called poisons. The 
poisoning of a catalyst may be temporary or permanent. In permanent poisoning, the 
poison reacts chemically with the catalyst . The compounds of sulphur and arsenic 
behave as poisons to many metallic catalysts. For example: 

(i) The pieseitce of CO as an impurity with hydrogen decreases the catalytic 
activity of catalyst in the Haber's process for the manufacture ofNH,. 

(ii) The manufacture of HSO, in the contact process needs platinum as a catalyst. The 


Reaction Kinetics 


327 


traces of arsenic present as impurities in the reacting gases makes platinum 
ineffective. That's why arsenic purifier is employed in the contact process. 


11.6.2 Activation of Catalyst 

Such a substance which promotes the activity of a catalyst is called a promotor or 
activator. It is also called "catalyst for a catalyst". For example: 

(i) Hydrogenation of vegetable oils is accelerated by nickel. The catalytic activity of 
nickel can be increased by using copper and tellurium. 

(ii) In Haber's process for the manufacture of ammonia, iron is used as a catalyst. If 
small amounts of some high melting oxides like aluminum oxide, chromium oxide 
or rare earth oxides are added, they increase the efficiency of iron. 

Negative Catalysis 

When the rate of reaction is retarded by adding a substance, then it is said to be a 
negative catalyst or inhibitor. For example, tetraethyl lead is added to petrol, because it saves 
the petrol from pre-ignition. 


Autocatalyst A/ - A/ 

In some* of dhe reattions, a product formed acts as a catalyst. This phenomenon is 

called auto - analysis. For example: 

(i) When copper is allowed to react with nitric acid, the reaction is slow in the 
beginning. It gains the speed gradually and finally becomes very fast. This is due to 
the formation of nitrous acid during the reaction, which accelerates the process. 

(ii) The reaction of oxalic acid with acidified KMn0 4 is slow at the beginning, but 
after sometimes, MnS0 4 produced in the reaction makes it faster. 

Mn + 

2KMnO,4 3 H s S 0 4 + 5(COOH) : . ► K 2 SQ, + 2MnS0 4 + 10CO ;; + 8H a t> 


1 1.6.3. Enzyme catalysis 

Enzymes are the complex protein molecules and catalyze the organic reactions in the 
living cells. Many enzymes have been identified and obtained in the pure crystalline state. 
However, the first enzyme was prepared in the laboratory in 1969. For example: 

(i) Urea undergoes hydrolysis into NIL, and CO, in the presence of enzyme 


urease present in soyabean. 

0 

Urease 

H.N— C NH 2 + HjO * 2NIT + CO, 

(ii) Concentrated sugar solution undergoes hydrolysis into glucose 
fructose by an enzyme called in vertase, present in the yeast. 



and 


(iii) 


Invertase _ _ T , ,, 

C, 2 H m O u + HT) ► c.l l A + CAA 

Glucose is converted into ethanol by the enzyme zymase present in the yeast. 


I 
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Products 


m 

Fig. (11,11) Lock and key 
model of enzyme catalysis 


Enzymes have active centres on their surfaces. The 
molecules of a substrate fit into their cavities just as a key fits 
into a lock Fig. (11.11). The substrate molecules enter the 
cavities, form the complex, reactants and the products get out 
of the cavity immediately, 

Michaulis and Menter(1913) proposed the following 
mechanism for enzyme catalysis 

E + S =5=^= ES ► p + E 

Where E - enzyme , s = substrate (reactant) 

ES = activated complex, p = product 

11.6.3 Characteristic of Enzyme Catalysis 

The role of enzyme as catalysts is like inorganic heterogeneous catalyst* tw 
unique m their efficiency and have a high degree of specificity. F^e“ lie " 

ac n So^ricZ St Cffident Cah " yStS kn ° Wn and thcy Wer the —BT of 

Enzymes catalysis is highly specific, for example, urease catalyses the hydrolysis of 

urea only and it cannot hydrolyse any other amide even methyl urea 

?3:r yhCreaCt ! 0nS have the maximum rates at an optimum temperature. 

ate SStoSS C0ntr0ls the rates of the enzyme 03131x56(3 reactlon 

late passes through a maximum at a particular pH, known as an optimum pH The 

activity of enzyme catalyst is inhibited by a poison. P ' 

or h acUvate C aC “ Vity ° f C " ZymeS is flatly enhanced by the presence of aco -enzyme 


(ii) 

(iii) 

(iv) 


(v) 


1. 


2 . 


4 . 


KEY POINTS 

The studies concerned with rates of chemical reactions and factors that affect 

^ ° f -tionf^Ste^ 

Order 0 ^^ 1 1 ° frea ro° n When the concentraLions of reactants are unity. 

DrScts P Half hff rCaCt 7 f the Ume required t0 convert 50% of the reactants into 
products. Half-life period of any reaction is inversely proportional to the S 

concenti ation raised to the power one less than the order of that reaction. 
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5. 

6 , 


7. 

8 . 

9. 


10 . 


Q.i 

(i) 


(ii) 


(iii) 


' (iv) 


(v) 


The step which limits how fast the overall reaction can proceed, is known as the 
rate determining step. 

Determination of the rate of a chemical reaction involves the measurement of the 
concentration of reactants or products at regular time intervals during the progress 
of reaction. The change in concentration of reactants and products can be determined 
by both physical and chemical methods. 

The effective collisions between the colliding species will take place only when the 
reactant molecules possess minimum amount of energy, which is called the energy of 
activation. Moreover, proper orientation is also necessary. 

All those factors, which change the number of effective collisions per second, affect 
the rate of chemical reaction. Some of the important factors are, nature and 
concentration of reactants, surface area, light, and temperature and catalyst. 

A catalyst is a substance, which alters the rate of a chemical reaction, but itself 
remains chemically unchanged at the end of reaction. The process when the catalyst 
and the reactants are in the same phase is said to be a homogenous catalysis. In case 
of heterogeneous catalysis, the catalyst and the reactants are in different phases. A 
substance, which promotes the activity of a catalyst, is called promoter or activator. 
In certain reactions, a product formed acts as a catalyst, the phenomenon is called 
auto-catalysis. 

Enzymes are the complex protein molecules, which catalyze the reactions in the 
living cells. 

EXERCISE 

Multiple choice questions. 

In zero order reaction, the rate is independent of 

(a) temperature of reaction. (b) concentration of reactants. 

(c) concentration of products (d) none of these 

If the rate equation of a reaction 2A + B products is, rate =k[A] 2 [B], and A 

is present in large excess, then order of reaction is 

^ 1 ft*) 2 (c) 3 (d) noneofthese 

The rate of reaction 

(a) increases as the reaction proceeds. 

(b) decreases as the reaction proceeds. 

(c) remains the same as the reaction proceeds. 

(d) may decrease or increase as the reaction proceeds. 

With increase of 10°C temperature the rate of reaction doubles. This increase in 
rate of reaction is due to: 

Ja) decrease in activation energy of reaction. 

(b) decrease in the number of collisions between reactant molecules. 

(c) increase in activation energy of reactants. 

(d) increase in number of effective collisions. 

The unit of the rate constant is the same as that of the rate of reaction in 
(a) first order reaction. (b) second order reaction. 
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(c) zero order reac tion, (d) third order reaction. 

Q.2 Pill in the blanks with suitable words. 

(i) The rate ot an endothermic reaction with the increase in temperature. 

(ii) All radioactive disintegration nuclear reactions are of order 

(iii) For a fast reaction the rate constant is relatively and half - life is 

(iv) The second order reaction becomes if one of the reactants is in large excess. 

(v) .Arrhenius equation can be used to find out of a reaction. 

Q.3 Indicate true or false as the case may be. 

(i) The half life of a first order reaction increases with temperature. 

(ii) The reactions having zero activation energies are instantaneous. 

(iii) A catalyst makes a reaction more exothermic. 

(iv) There is difference between rate law and the law of mass action. 

(v) The order of reaction is strictly determined by the stoichiometry of the balanced 
equation. 

Q4, What is chemical kinetics? How do you compare chemical kinetics with chemical 
equilibrium and thermodynamics. 

Q5. The rate of a chemical reaction with respect to products is written with positive sign, 

but with respect to reactants is written with a negative sign. Explain it with 
reference to the following hypothetical reaction. 

aA + bB — > cC + dD 

Q6. What are instantaneous and average rates? Is it true that the instantaneous rate of a 
reaction at the beginning of the reaction is greater than average rate and becomes far 
less than the average rate near the completion of reaction? 

Q7. Differentiate between 

(i) Rale and rate constant of a reaction 

(ii) Homogeneous and heterogeneous catalyses 

(iii) Fast step and the rate determining step 

(iv) Enthalpy change of reaction and energy of activation of reaction 

Q8. Justify the following statements 

(i) Rate of chemical reaction is an ever changing parameter under the 
given conditions. 

(ii) The reaction rate decreases every moment but rate constant 'k' of the reaction is a 
constant quantity, under the given conditions. 

(iii) 50% of a hypothetical first order reaction completes in one hour. The remaining 
50% needs more than one hour to complete. 

(v) The radioactive decay is always a first order reaction. 

(iv) The unit of rate constant of a second order reaction is dm 1 mol'V, but the unit of rate 
of reaction is mol drrri s' 1 . 

(vi) The sum of the coefficients of a balanced chemical equation is not necessarily 
important to give the order of a reaction. ■ 

(vii) The order of a reaction is obtained from the rate expression of a reaction and the rate 
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expression is obtained from the experiment. 

Q9. Explain that half life method for measurement of the order of a reaction can 
help us to measure the order of even those reactions which have a fractional order. 

Q10. A curve is obtained when a graph is plotted between time on x-axis and 
concentration on y-axis. The measurement of the slopes of various 
points give us the instantaneous rates of reaction. Explain with suitable examples. 

Q 11 . The rate determining step of a reaction is found out from the mechanism of that 
reaction. Explain it with few examples. 

Q12. Discuss the factors which influence the rates of chemical reactions. 

Q.13. Explain the following facts about the reaction. 

2 NO (g) + 2H,(g) ► 2110(g) + N 2 (g) 

(i) The changing concentrations of reactants, change the rates of this reaction, 

fu) Individual orders with respect lo NO and H 3 can be measured. 

(iii) The overall order can be evaluated by keeping the concentration of one of the 
substances constant. 

Q14. The collision frequency and the orientation of molecules are 
net jsary conditions for determining the proper rate of reaction. Justify the statement. 

Q.15. How does Arrhenius equation help us to calculate the energy of activation of a 
reaction? 

Q16. Define the following terms and give examples 




(i) 

Homogeneous catalysis 

(ii) 

Heterogeneous catalysis 

(iii) 

Activation of a catalyst 

(iv) 

Auto-catalysis 

(v) 

Catalytic poisoning 

(vi) 

Enzyme catalysis 


Q17. Briefly describe the following with examples 

(i) Change of physical state of a catalyst al the end of reaction. 

(ii) A very small amount of a catalyst may prove sufficient to carry out a reaction. 

(iii) A finely divided catalyst may prove more effective. 

(iv) Equilibrium constant of a reversible reaction is not changed in the presence of a 
catalyst. 

(v) A catalyst is specific in its action. 

Q18. What are enzymes? Give examples in which they act as catalyst. Mention the 
characteristics of enzyme catalysis. 

Q19. In the reaction of NO and IT, it was observed that equimolecular mixture of gases at 
340.5 mm pressure was half changed in 102 seconds. In another experiment with an initial 
pressure of 288 mm of Hg, the reaction was half completed in 140 seconds. Calculate the 
order of reaction. 


(Ans:2.88 ) 


Q20. A study of chemical kinetics of a reaction 


A + B. 


Products 


gave the following data at 25 °C. Calculate the rate law. 


[A] 

[B] 

Rate 

1.00 

0.15 

4.2 x 10* 

2.00 

0.15 

8.4 x 10 6 

1.00 

0.2 

5.6 x IQ" 5 


(Ans: second order) 
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rruund50kTmof iaCtkmS ^ ^ room tem P e ^ture have activation energies 

What is the value of the factor at25°C (Ans-f 72xl0 9 ) 

Calculate this factor at 35 "C antW5”C and note the increase in this factor for every 


1 0“C rise in temperature. 

coLnuSubli” every 10 ’ C rise in 0f temperature ' the Abies' andTo rate 


Q22. H, and I 2 react to produce HI, Following data for 
rate constant at various temperatures (K) have been 
collected. 

Plot a graph between^ on x-axis and log k on the 
y-axis. 

(n) Measure the slope of this straight line and 
calculate the energy for activation of this reaction. 

(Ans:8326.32, IfiO.ekJmo] 1 ) 


(Ans:3.31xlO*) 

Dubles and so n 
(Ans:6.12xl0*> 


Temp. 

(K) 

Rate constant 
(cm 3 mol'' s' 1 ) (k) 

500 

550 

600 

650 

700 

6.814 x 10^ 
2.64 x IQ 2 
0.56 x 10 u 
7.31 x 10° 
66.67 x 10" 
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GLOSSARY 


Absolute zero: 


Actual yield: 
Amorphous solids: 


Anisotropy: 

Atomic absorption 
spectrum: 




S# 


The temperature of -273.16 "C at which the volume of a gas 
theoretically becomes zero is called absolute zero. It is taken 
as zero on the kelvin scale of temperature. 

Actual yield is the amount of the product actually obtained in 
a chemical reaction. 

Those solids in which the structural units i.e. atoms, ions or 
molecules are fixed in their positions but are not regularly 
arranged. 

It is the variation of a certain physical property with 
direction. 

When a beam of white light is passed through the vapours or 
a gas, the element absorbs certain wavelengths, while the 
rest of wavelengths are passed through it. The spectrum of 
this radiation is called atomic absorption spectrum. The 
missing wavelengths appear as dark lines in the spectrum. 
Atomic emission spectrum: It is the spectrum formed by the elements or their 

compounds when they are heated in a flame. The spectrum 
consists of a series of bright lines with a dark background. 

If an atom is assumed to be spherical then the atomic size 
means the average distance between the nucleus of the 
atom and its outermost shell. This distance is called atomic 
radius and it can not be measured precisely. 

The electrons should be filled in energy sub-levels in 

order of increasing energy values. The electrons are first 
placed in Is, then 2s, then 2p and so on. 

Average Kate of Reaction: The rate of reaction between two specific time intervals is 

called average rate of reaction. 

Equal volumes of all ideal gases at same temperature and 
pressure contain equal number of molecules. 

Avogadro's number is the number of atoms, molecules or 
ions in one gram atom of an element, one gram mole of a 
compound or one gram ion of an ionic substance. 

. t zimuthal quantum number: The quantum number that defines the shape of the orbital of 


Atomic radius: 


Auf-bau principle: 


Avogadro's law: \/ .V 
Avogadro's number: 
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Balmer scries: 

^ 0 ® 




an electron. 



A series of lines present in the visible region of hydrogen 
spectrum formed when an electron jumps from higher orbits 
to the 2" d orbit. 


Boiling point: 


Bond energy: 
Bond order: 
Boyle's law ( lfifiij ): 


The temperature at which the vapour pressure of a liquid 
becomes equal to the external pressure, is called boiling 
point of the liquid. 

The average amount of energy required to break all bonds of 
a particular type in one mole of the substance. 

Half of the difference between the number of bonding 
electrons and anti -bonding electrons. 

The volume of the given mass of a gas is inversely 
proportional to the pressure of that gas when the 
temperature is kept constant 


Brackett series: 




Catal 
Cathode rays: 



A series of lines in the infra red region of hydrogen spectrum 
formed when the electron jumps from higher orbits to the 
fourth orbit. 

The substance which alters the rate of a chemical reaction 
but remains unchanged at the end of reaction. 

Negatively charged rays which originate from the cathode 
when electricity is passed through a gas at very low 
pressure. 



Charles's law (1787): 
Chroma t ography : 
Colligative properties: 


The volume of a given mass of a gas is directly proportional 
to absolute temperature when the pressure is kept constant. 

It is a method used for the separation of components of a 
mixture. 

These are the properties of solutions that depend only on 
the number of solute and solvent molecules or ions. 


Common ion effect: 


Conjugate acid of a base: 

t .r O 

Conjugate base of the acid 





Covalent crystals: 
Covalent radius: 


The decrease in the solubility of an electrolyte in a solution 
in the presence of a common ion is called common ion effect. 
The positively charged ion produced by the acceptance of a 
proton by a base is t he conjugate acid of the base. 

: The negatively charged ions or a neutral species produced by 
the release of proton is the conjugate base of the compound 
releasing the proton. 

Ihose crystals in which the non-metallic atoms are held 
together in a network of single covalent bonds. 

It is half the length of a covalent bond between two atoms. 
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Critical temperature: 

,e0 6 


That temperature of a gaseous substance above which it 
cannot be converted into the liquid state no matter how 
much the pressure is applied on it. 

■ ysral lattice or space lattice: A particular three dimensional arrangement of particles 

i.e. atoms, ions or molecules in a ctystal is called a crystal 
lattice or space lattice. 

Crystal: A three dimensional shape bounded hy plane surfaces which 

intersect at definite angles with each other. 

C rvstal fixation: A process in which a crude product is purified and obtained in 

the form of crystals . 

f hi i ton's law of partial pressures: Total pressure of a mixture of gases is equal to the sum 

of the partial pressures of all the gases in the mixture. 

i tu fusion of gases: The spontaneous mixing of the molecules of different gases 

by random motion and collisions to form homogeneous 
mixture is called gaseous diffusion. 

Dipole moment: It is a product of charge and the distance between the 

positive and negative centers present in a compound. 

Partial separation of charges on a bond between two 


wnOV* 

Dipole* 

Dipole-Dipole forces: 


atoms. 




Discharge tube: 


Effusion of gases: 


Electrochemical Cell: 


Electrode potential:, 

maSifi? 0 ’*' 


Electrolytic conduction: 




The attractive forces between the positive end of one 
molecule and the negative end of the another polar molecule 
are called dipole-dipole forces. 

A glass tube containing a gas at low pressure and is provided 
with electrodes for the passage of electricity through the 
gas. 

With the passage of the gas molecules one by one without 
collisions through a pin hole in their container into an 
evacuated space is called effusion. 

It is a system consisting of electrodes that dip into an 
electrolyte and in which a chemical reaction either uses or 
generates electric current. 

It is the tendency of a metal to form its ions or to get 
deposited on the metal when a metal is dipped into the 
solution of its own ions. 


•o\ 




It is the decomposition of ionic compounds by the passage of 
electric current. 

It is the passage of electric current through electrolytes 
present in the fused state or in the solution form. 
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Electron affinity: 
Electronegativity: 


Empiric 


Empirical formula; 


Endothermic reactions: 
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Attraction of nucleus of an atom for an extra electron. 

Tendency of a bonded atom to attract the shared electron 
pair towards itself. 


^ Y 

That formula of a substance which is based on the formula 
unit and gives the simple ratio of the atoms in the molecule is 
called empirical formula. 

The chemical reactions, which are accompanied by 
absorption of heat, are called endothermic reactions. 
Enthalpy or heat of solution: It is defined as the heat change when one mole of a substance 

is dissolved in a specified number of moles of solvent at a 
given temperature. 

The total heat content of a system is termed as enthalpy of a 
system. 

Equilibrium constant is the ratio of forward rate constant and 
backward constant for a reaction at given condition, 
condition. 

Evaporation: The spontaneous change of a liquid into its vapours at the 


Enthalpy: 

Equilibrium constant : 


Exothen 


auuii; 

to°° 




rmic reaction: 


surface of liquid at a given temperature is called evaporation. 


I he chemical reactions, which are accompanied by the 
evolution of heat, are called exothermic reactions, 
first law of thermodynamics: It states that energy can neither be created nor be 

destroyed but can be changed from one form to another. 

The rate of diffusion of a gas is inversely proportional to the 
square root of the density of the gas or the molar rrjass gas 
under the given conditions of temperature and pressure. 

Half-life period of a reaction is the time required to convert 
50% of the reactants into products. 

Heisenberg’s uncertainty principle: It is not possible to measure simultaneously the 

exact position and momentum of an electron in an atom, 

Hess’s law of constant heat summation: If a chemical change takes place by several 

different routes, the overall energy change is the same, 
regardless of the route by which the chemical change occurs, 
provided the ini tial and final conditions are the same. 

If de gen eiate orbitals are available and more than one 
electrons are to be placed in them, they should be placed in 
separate orbitals with the same spin rather than putting 
them in the same orbital with opposite spins. 

Mixing of orbitals to form new orbitals with specific 


Graham's law of diffusion: 


Half-life period: 


Hund'snile: 

Hybridization: 
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Hydrogen bonding: 


Ideal gas: 


Ideal solutions: 


Intermolecular forces: 
Ion dipole interactions 



m 


■>Y> 


orientations. 

Hydration: The process in which water molecules surround and interact 

with solute molecules or ions is called hydration. 

Hydrogen bonding is the electrostatic force of attraction 
between hydrogen atom (bonded to a small highly 
electronegative atom) and the electronegative atom of 
another molecule. 

A gas which obeys the gas laws at all temperatures and 
pressures. 

Those solutions which obey Raoult's law. 

I nst antaneous Rate of Reaction: The rate of reaction at any one instant during the 

interval. 

The attractive forces which exist between individual 
particles i.e. atoms, ions and molecules. 

The electrostatic forces of attraction between an ion 
(positive or negative) and the polar molecules of the solvent. 

Those crystals in which the oppositely charged ions are held 
together by an ionic bond. 

It is the radius of an ion considered spherical in shape. 

It is the minimum amount of energy required to remove the 
most loosely bound electron from an isolated gaseous atom. 
An irreversible reaction is that in which products of the 
reaction do not react to form the original reactants under 
the same set of conditions. 

Kinetic molecular theory of gases: A model of gases which explains the physical 

behaviour of gases. 

Law of mass action: The rate at which a substance reacts is proportional to its 

active mass and the rate of a chemical reaction is 
proportional to the product of the active masses of the 
reacting substances. 

: -( batcher s principle: If a system at equilibrium is disturbed, it behaves in such a 

AWS-.V way as to nullify the effect of that disturbance. 

Limiting reactant is that reactant which is present in lesser 
amount and controls the amount of the products in a 
chemical reaction. 

That crystalline state of a substance which exists between 
two temperatures i.e. the melting temperature and the 
clearing temperature. 


Ionic crystals: 

Ionic radius: 
Ionization Energy: 

Irreversible reaction: 
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LonSon dispersion forces: 

The attractive forces between the temporary dipole in one 
molecule and temporary induced dipole in an adjacent 
molecule are called London dispersion forces. 

adjacent molecule are called London dispersion forces. 


Lowry -Eron sled c oncepts of acids and bases: Acids are those species which give proton 


Lyman series: 

or have a tendency to give proton. Bases are those species 
which accept proton or have a tendency to accept proton. 

A series of lines in the ultraviolet region of hydrogen 
spectrum which are obtained when electron jumps from 


higher orbiLs to the first orbit of hydrogen atom, 
vlagnetic quantum n umbos The quantum number that defines the orientation of an 

orbital in a magnetic field. 


Mass spectrometer: 

It is the instrument employed to separate positively charged 
part icles on the basis of their m/e values and get the record 

.i9d (BJibaAf 

Metallic crystals: C+ ■' 

wO 

Molality (m): 

Molar volume: 

on the photographic plate or electrometer. 

Those crystals in which the metal atoms are held together 
by metallic bonds. 

It is the number of moles of the solute dissolved in 1000 
grams (1 kg) of the solvent. 

The volume occupied by one mole of an ideal gas at standard 
temperature and pressure - 22.414 dm’ is called the molar 
volume. 

Molarity (M): 

It is the number of moles of the solute dissolved per dm' 1 of 
the solution. 

Mole fraction: 

Mole fraction of any component in a mixture is the ratio of 
the number of moles of it to the total number of moles of all 
the components present in the solution. 

Mole; 

A quantity which contains Avogadro’s number of units i.e. 
atoms, molecules, ions or whatever under consideration is 
called a mole. 

Molecular crystals: 

Those crystals in which the molecules are held together by 
van der Waal’s forces. 

Molecular formula: 

:<e© VJ | , 

\Molecular ions: 

A chemical formula which gives the total number of atoms 
present in a molecule of a substance. 

Those ions which are produced by the removal of one or 
more electron or electrons from the molecule of a substance 


are called molecular ions. They are mostly pos.tive and 
rarely negative. 
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Those solutions which do not obey Raoult's law. 

o n oi.s Process: It is the reverse of the spontaneous process. It does not take 
place on its own and does not occur in nature. 

An orbit is a definite path at a definite distance from the 
nucleus in w r hich the electron revolves around the nucleus; 
actually an orbit indicates an exact position or location of an 
electron in an atom. 

A region around the nucleus where the probability of finding 
the electron is maximum, s, p, d and f are different types of 
orbitals which exist in an atom. 


Order of Reaction : 
Oxidation Number: 
Paper Chromatography: 

Partial pressure: 

Parts per million: 

Paschcn scries: 


It is the sum of the exponents of the concentration terms in 
the rate expression of a chemical reaction. 

It is the apparent charge on an atom of an element in a 
compound or a radical. 

It is a technique of partition chromatography in which the 
stationary phase is water adsorbed on paper and mobile 
phase is usually an organic liquid. 

The pressure exerted by an individual gas in a gaseous 
mixture is called the partial pressure of that gas. 

If is defined as the number of the parts (by weight or volume) 
of a solute per million parts (by weight or volume) of the 
solution. 

A series of lines in the infra red region of hydrogen spectrum 
which results from the transitions of electron from higher 
orbits to the third orbit. 


e x elusion prii Accordi ng to this principle, it is impossible for two electron s 

residing in the same orbital of a poly electron atom, to have 
the same values of four quantum numbers. Thus two 
electrons in the same orbital should have opposite spins. 


Percentage yield: 

\,C. 1 

Pfundseries: ,wt)‘ 

- r )V v 




pH of the solution: 
Phase: 


% yield - 


Actual yield 
Theoretical yield xl0 ° 


A series of lines in the infra red region of hydrogen spectrum 
which results from the transition of electron from higher 
orbits to the fifth orbit. 



The negative log of [H ] is called pH of the solution. 

Every sample of matter with uniform properties and a fixed 
composition is called a phase. 


I 


340 


Chemistry XI 


pi (te) bond 

e© 10 ' 

I>K.- 
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A bond formed by the parallel overlap of the two planar p- 
orbitals present on the adjacent atoms which are already 
bonded with an bond. 

It is the negative log of dissociation constant of water. 


pOH of the solution: The negative log of [OH] is called pOH of the solution. 

Polarizability: Polarizability is the quantitative measurement of the extent 

to which the electronic cloud can be polarized, 
e rays or canal ra> : Rays travelling in a direction opposite to the cathode rays in a 

discharge tube. They consist of positively charged ions 
formed by the ionization of gas molecules with the passage 
of cathode rays. 

’nnc i pal quantum number: The quantum number that defines the shell of an electron in 

an atom. Its symbol is n. 


Quantum Numbers: 
Raoult’s law: 

Rate Constant: 

Rate of Reaction: 
Real gas: 

Redox Reaction: 


These are the sets of numerical values which give the 
acceptable solutions. 

The lowering of the vapour pressure of a solvent by a solute, 
at a given temperature, is directly proportional to the mole 
fraction of solute. 

It is the rate of reaction when the concentrations of the 
reactants are unity. 

It is defined as the change in concentration of a reactant or a 
product divided by the time taken for the change. 

A gas which does not obey the gas laws at all temperatures 
and pressures. 

A chemical reaction in which oxidation and reduction take 
place. 


Relative abundance of isotope: The percentage of isotope of an element in comparison to 

other isotopes of the same element is called relative 
abundance of isotope. 

Relative atomic mass of an atom of an element is the mass as 
compared with the mass of one atom of carbon taken as 
twelye. It is expressed in a.m.u, 

A component oi a mixture may be identified by a specific 
retardation factor called R. value. It is related to the partition 
coefficient by the following relationship. 

Distance t ra velled by a comp on ent from the orig inal spot 
Distance travelled by a solvent from the original spot 

A reversible reaction is that one in which products of a 


Relative atomic mass: 


Retardation Factor (R f ): 

£0 

Reversible reaction; 


& 
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Solubility: 


Solvent Extraction: 




Spectrum: 




'■[it >1 : B 


Spontaneous Process: 


U1 ik:' 


reaction can react to form the original reactants . 

A bond formed by the linear overlap of atomic orbitals. 

It is the number of grams of a solute that can be dissolved in 
100 .grams of the solvent to prepare a saturated solution at a 
particular temperature. 

It is a technique in which a solute can be separated from a 
solution by shaking the solution with a solvent in which the 
solute is more soluble and the added solvent does not mix 
with the solution. 

A band of seven colours formed by the dispersion of the 
components of white light, when it is passed through a 
prism. 

Process, which takes place on its own without any outside 
assistance and moves from a non-equilibrium state towards 
an equilibrium state, is termed as spontaneous process. 

Standard Electrode PotentiakWhen a metal is dipped into the solution of its own ions 

having concentration 1.0 mole per dm 1 or a gas is passed at a 
pressure of one atmosphere through a solution of 1.00 moles 
per dm' 1 strength of its ions having an inert electrode, the 
potential developed is called standard electrode potential. 
The temperature of the system is maintained at2P °C. 

Si andard Enthalpy of Atomization: It is the change of enthalpy when one mole of gaseous 

atoms is formed form the element under standard 
conditions. 

Standard Enthalpy of Combustion: It is the amount of heat produced when one mole of 

the substance is completely burnt in excess of oxygen under 
standard conditions. 

Standard Enthalpy of Formation: It is the change of enthalpy when one mole of a 

compound is formed from its elements under standard 
conditions. 

Standard Enthalpy of Neutralization: It is the amount of heat evolved when one mole of 

hydrogen ions H~ from an acid react with one mole of 
hydroxide ion OH' form an alkali under standard conditions. 

Standard temperature and pressure: The standard temperature is 0 "C (273 K) and the 

standard pressure is 1 atm or 760 mm of Hg or 760 torr or 
101325 Nm a . 

State Function: It is a macroscopic property of a system which has some 

definite value for each state and which is independent of path 
in which the state is reached. 
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Stoichiometry: 
Sublimation: 


Surroundings: 


System: 

Theoretical yield: 
Thermochemistry: 
Unit cell: 


Vacuum distillation: 



— — — ; — rv 

Stoichiometry is the branch of chemistry which deals with 
the quantitative relationship between reactants and 
products in a balanced chemical equation. 

It is a process in which a solid, when heated, vapourizes 
directly without passing through the liquid place. 

The remaining portions around a system are called 


Chemistry’ XI 




surroundings. 

Anything (materials) under Lest or under conside-ration, is 
termed as a system. 

1 heoretical yield is the amount of the products calculated 
from the balanced chemical equation. 

The study of heat changes during a chemical reaction is 
known as thermochemistry. 


The smallest unit of the volume of a crystal which when 
repeated in three dimensions can generate the structure of 
the entire crystal. 

The process of heating the liquid under reduced pressure to 
change it into vapours at a lower temperature and then 
condensing the vapours to a liquid. 


van der Waal's eq mtion It is an equation of state of gases that modifies the ideal gas 

equation to represent more faithfully the pressure and 
volume behaviour of real gases. 

The pressure exerted by the vapours of a liquid in 
equilibrium with the 1 lquid at a given temperature . 

Those water molecules, which have combined with some 
compounds as they are crystallized from aqueous solutions 
is called water of crystallization or water of hydration. 
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Absolute temperature ,61 
Absolute zero, 46, 65 
Activation of catalyst, 326 
Actual yield, 22, 24 
Allotropy, 98 
Amorphous solids, 95 
Analytical chemistry, 30 
Anion, 2 
Anisotropy, 96 
Anti -neutrino,! 

Arrhenius equation, 322 
Atom. 1 

Atomic radii, 156 
Atomic size, 156 
Atomic absorption spectrum, 132 
Atomic emission spectrum,! 3 2 
Atomic mass Unit, 3 
Auf-bau principle, 146 
Autocatalyst, 327 
Average rate of reaction, 309 
Avogudru's law, 53 
Avogadro’s number, 1 3 
Azimuthal quantum number, 1 42 


B 


Balmcr series, 13 3 
Band Iheory, 1 06 
Beckmann r s method, 273 
Berzelius, l 

Bohr’s model, 126, 133 
Boiling point, 91 
Bomb calorimeter, 205 
Bond length, 185 
Bond angles, IBS 
Bond energy, 1 83 
Rond order. 181 
Boyle's law, 41,62. 67 
Brackett series, 133 
Buffer capacity, 241 
Buffer solutions, 237 


Canal rays, 120 
Catalysis, 324 
Catalyst, 324 

Cathode rays, 118-119-120 
Charles's law, 44, 62, 67 
Chemical combination, 155 
Chemical method. 316 
Chemical equilibrium state, 214- 
215, 243 

Chromatography, 35, 36 
Colli gat ive properties, 267 
Combustion analysis, 8, 9 
Common ion effect, 236, 245 
Concentration of reactant, 320 
Concentration unit, 251, 309 
Conjugate acid of a base, 235,245 
Conjugate base of an acid*235,245 
Continuous spectrum, 1 3 1 
Coordinate covalent bond, 165 
Covalent crystals, 104 
Covalent radii, 1 56- 1 59 
Covalent bond, 163-165 
Crystal lattice, 98, 106 
Crystallization, 32 
Cubic system, 100 

D 

Dalton's law, 54 
Deuterium, 4 
Differential method, 3 \ 8 
Diffusion of gases, 58 
Dilatomctric method. 3 1 5 
Dipole moment, 183,186,190 
Dipalc-dipolc forces, 8 1 
Dip ole- induced dipole forces,82, 

111 

Discharge tube, 1 20 
Discharging, 301 
Discovery of nucleus. 124 
Dynamic equilibrium, 93 


Effusion of gases, 58 
Electrochemical cell, 290, 297 
Electrochemistry, 290, 297 
Electrode potential, 295 
Electrolysis, 290 
Electrolytic cell, 290 
Electrolytic conduction, 
Electrometer, 5 
Elec iron affinity, 161 
E lectori, 1 

Electronic configuration, 1 55 
Electronegativity, 1 59- 1 60 
Empirical formula, 6, 7, 23 
Endothermic reactions, 195 
Energetics of bond formation, 1 56 
Energy of activation, 316 
Enthalpy, 200 

Enthalpy of atomization, 203 
Enthalpy of combustion. 203 
Enthalpy of formation, 202 
Enthalpy of neutralization, 203 
Enthalpy of reaction, 202 
Enthalpy of solution, 203 
Enzyme catalyst s,327, 32 S 
Equilibrium constant, 217, 218, 
220, 221 

Equilibrium mixture, 223, 224 
Evaporation, 88 
Exothermic reactions, 195 

F 

Face centred cubic- 
arrangement, 108 
Filter crucible, 31 
Filter paper, 30 
FilLeration, 30, 32. 37 
First law of thermodynamics, 
198-199, 200 

Fractional atomic masses, 6 
Fuel cells, 300, 303 
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Galvanic cell, 293 
Oris laws, 4 1 
C ias, 40 

General gas equation, 48 
C lass calorimeter, 21)4 
Gooch crucible, 3 1 
Graham's law, 58 
Graphical method, 318 

H 

Haber's process, 227 
Half-life period 318 
Heat of reaction, 195 
Heisenberg's unccnamty- 
prineipte, 140 
Henderson's equation, 239 
Hess's law of constant heat- 
summalion, 206 
Heterogeneous catalysis, 325 
Hexagonal system, T 00 
Homogeneous catalysis, 325 
Hund’s rale, 146, 147 
Hybridization, 173, 176, 177 
Hydrates, 277 
Hydration, 277 
Hydrogen spectrum, 13.1 
Hydrolysis, 278 

i 

Ideal solutions, 260, 263 
I nstantaneou s d ip o le- Indue ed 
dipole forces, 82 

Instantaneous rate of reaction, 309 
Internal energy, 198 
Intermoleeular forces. 81 
Ion, 2 

Ionic bond, 1 62 
Ionic crystals, 102 
Tonic radius, 156, 158 
Ionization constant, 231, 233 
Ionization energy, 159, 160 
Irreversible reaction, 214 
Isomorphism, 97 
Isotopes, 3 

j 

Joule Thomson effect, 66 


K 

Kinetic molecular 
theory' of gases, 60 

L 

Lands berger’s method, 271 
Law of mass action, 2 1 6 
Le-Cha teller's principle, 223 
Light, 321 

Limiting reactant, 20, 21 
Line spectrum. 111 
Liquefaction of gases. 65, 66 
Liquid crystal, 94 
London dispersion forces, 82 
Lone pair of electrons, 1 68- 1 70 
Lowery Bronsted concept, 215 
Lewis concept, 162 
Lyman series, 1 33 

M 

Macromolecules, 2, 104 
Magnetic quantum number. 143 
Manometric method, 90 
Mass of electron, 123 
Mass spectrometer, 5 
Metallic solids. 1 06 
Metallic crystals, 107 
Method of large excess, 319 
Millikan, 122-123 
Molality (m), 253 
Molar heat of vapourization, 9 1 , 
93 

Molar heat of fusion, 91 
Molar heat of sublimation, 93 
Molar volume, 16 
Molarity , 252 
Mole fraction, 254 
Mole, 1 1 

Molecular solids, 105 
Molecular formula, 6 
Molecular ion, 3 
Molecule, 2, 23 
Monoclinic system, 1 00 
Mono-isotopic. 4 

N 

Nature of reactant, 320 
Negative catalysis, 327 
Neutron. 1 


Nickel cadmium cdL 302 
Non “ideal behaviour of gases, 67 
Non-ideal solutions, 260 
Non -spontaneous process, 196 
Non- polar covalent bond, 163-1 64 


o 

Optical rotation method. 3 1 5 
Orbital, 140-141 
Orbital concept, 140-141 
Order of reaction, 310 
Oxidation number, 284 

p 

Paper chromatography, 36 

Partial pressure, 54 

Parts per million, 255 

Pas die n series, 133 

Pauli’s exclusion principle, 147 

Percentage ionic character, 1 87 

Percentage yield, 22 

Pfund senes, 1 33 

Phase, 251 

pH of solution, 229-230 
PK , 235 

Planck's quantum, 1 25 
Plasma state, 73 

pOH of solution in buffer, 237,238 

Polar covalent bond, 1 64 

Polymorphism, 97 

Positive rays, 120 

Principal quantum number, 141 

Protium, 4 

proton, I 

Q 

Quantum numbers, 141 

w S : 
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Raoult's law, 260-262 
Rate of reac tion, 308-309 
Real gas, 67 
Recharging, 301 
Redox equation, 284, 287 
Reffactrometric method, 3 1 5 
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Relative atomic mass, 3 
R ever?; i b I e re act! on , 2 1 4 
Rhombic system, 100 
R1 iom boh cdral system, 100 
Rutherford's model, 1 24 



s 

Sigma bond, 171 
Sintered glass crucible, 32 
Society, 4 
Solute, 25 ] 

Solubility curve, 265-266 
Solubility product, 24 2 
Solubility, 265 
Solvent 251 

Solvent extraction, 30, 34 
Specific rate constant 3 10 
Spectral lines, 3 1 0 
Spectrometry, 4,5 
Spectrum, 130-132 
Spin quantum number, 1 44 
Spontaneous process, 196-197 



Standard electrode potential, 295 
Stale function, 1 97 
Stoichi on ic try', 17,23 
Sublimation, 34 
Sommerfeild’s, 137 
Surroundings, 197 
System, 1 97 

T 

Tetragonal system, 1 00 
Theoretical yield, 22 
Thermochemistry, 1 95 
Thermodynamics, 85 
t ransition temperature, 98 
Tnciinic system, 100, 101 
Trigonal system, 100, 101 
Tritium, 4 

u 

Unit cell, 99, 1 1 1 



Vacuum distillation, 92 
Valence bond theory, 170 
van der Waal's forces, 105 
Vapour pressure, 89 
Velocity constant, 1 1 0 
Voltaic cell, 293*294 

w 

Water of cry stall i zation, 278 

x 

X-rays, 137 
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Physical 

Quantity 

Name 
in Units 

Symbol 

Physical 

Quantity 

Name 
in Units 

Symbol 

Length 

meter 

m 

Volume 

litre 

L (lflrW) 

Mass 

kilogram 

kg 

Length 

angstrom 

A (0.1 nm) 

Time 

second 

s 

Pressure 

atmosphere 

atm(101.325kl’a) 

Temperature 

Kelvin 

K 


torr 

rnmllg (133A2Pn) 

Electrical current 

ampere 

amp 

Energy 

calorie 

cal (4.I84J1 

Luminous intensity 

candela 

cd 


electron colt 

ev (1. 6022x1 ff'tT) 

Amount of substance 

mote 

mot 

Temperature 
Concent ration 

degree Celsius 
molarity 

°C (K-273.1 5 
M(moI/L or 
mol /dm 1 


Table A*2 Common Derived Units in SI 


Physical 

Name 

Symbol 

Quantity 

in units 

Energy' 

Joule 

J(kg-nf/s ) 

Frequency 

hertz 

Hzf cycles/s) 

N(ks-nt/s*) 

PfN/M 2 ) 

Force 

newton 

Pressure 

pascal 

Power 

watt 

W(J/S) 

Electrical charge 

coulomb 

C(amp-s) 

Electrical potential 

volt 

V(J/c) 

Electrical resistance 

ohm 

f2{V/amp| 

Electrical conductance 

siemens 

S(amp/V) 

Electrical capcitanec 

farad 

F(C/V) 



Table A3 Fraction and Multiplies for Use in SI 


Fraction and Multiplies for Use in SI 

ex a, E 

10 1H 

deci, d 

10 s 

peta, P 

HI" 

centi, c 

W 2 j 

tera« T 

10 11 

milln m 

10" 

g'ga. G 

ir 

miern^p 

10* 

mega. VI 

10* 

nano, n 

10 e 

kilo, k 

10 1 

pico, p“ 

io i: 

hecto, h 

I0 1 

femto, f 

1(f JS 

deca, da 

10 : 

aito, a 

Iff 1 * 




Table A.4 Values uf Selected Fundamental Constants 


Speed ofligh. in a vacuum (c) 

Charge on an electron (q ) 
Rest mass of electron (mj 

Rest mask of protrou linj 

Rest mass of neutron (mj 

Faraday's constant (F) 
Planck's constantfh) 

Ideal gas constant (R) 

Atomic mass unit (mm it) 
Boltzmann's constant (k) 
Avugadro's constant (Nj 
Rydberg constant (R M ) 

Molar Volume of a gu* at s.Lp. 
Heat capacity of water 


c =2.99792458x10 Vs 
q, = 1.602 1 892*10' t' 

= 9.1 09534x1 0'i; 
m t - 5 .485802 6xHTVu 
111^1.6726485x10^ 
nip - l.Q0727647amu 
1. 4749543x1 0' 2 ^ 
m ft = 1,00865012 umu 
F = 96484.56 C/mol 
h = 6.6261 76* Iff Vs 
R - 0.(1820568 I.-atm/mni K 
R = 8 J 1441 J/mnl-K 
1 amu = 1 .6605655 \.lff 3 g 
k = 1.3K0662xlC',r/k' 

Nx= 6.022045xlff ls mol ! 

Rh ^ 1.1197373 18x1 0W 
* 1.097373 ISv iff run 1 
V„ - 2.24x10 WiiioC 
C = 75.276 J/moi-It 
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Table A. 5 Selected Conversion Factors 


^e® 


to© 0 " 


Energy 

1J =* 0.2390 tal * 10’ere 
1 eat ” 4. 1 84.1 

lev/atom = 1.602 1892xIU" l, J /atom = 96.484 kJ/niol 

Temperature 

K = t + 273.15 


t = 5/9 (F-32> 
"F = 9/5 (Q + 32 

Pressure 

1 atm = 760 mmllg * 760 torr = 1 0 1 .325kPa 

Mass 

1 kg " 2*2046 lb 
t ib - 453*59 g = 0*45359 kg 
1 ft* » 0*06250 Ib * 28.350 g 
I ton = 2000 Ib = 907.185 kg 
] tonne (metric) = 1000 kg = 2204*62 Ib 

Volume 

1 ml = 0,01 L = 1 cm i 
1 02 (fluid) - 0,031250 qt - 0.029573 L 
\ qt = 0,946326 L 


1 gal = 0,946 L 

Length 

\ mile = 1.60934 km 
I in. 2.54 Fin 

■ 

10m rii = 1 cm 
HlfMlmrti = 1 m 
lUOOm = !km 
tot =39.370 in. 


.4 = Iff" m - 10\m 


to° 






Table A .6 Solubility Table 




to° 







Key • S - Soluble in water 

s = Slightly soluble In water 


1 = Insoluble in water Hess than LgHOtig H?Qi 
d - Decompose in water 




